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PREFACE 


The teacher’s guide is the companion volume to the text and the laboratory 
manual published some time ago. The format is essentially the same as the one 
followed for the teacher’s guides of classes 6 and 7 This has been written in that 
manner because the approach to the study of the subject, as far as the student is 
concernedj is the same. The major effort in class 8, of course, has been in providing 
a sort of a connecting link between classes 6 and 7 on the one hand and classes 9 and 
10 on the other. 

As in classes 6 and 7 the main emphasis lias been on students’ experimen¬ 
tation and learning through their own obsetvations. The teacher’s role is mainly to 
lay down the genera] procedure and help in organising the laboratory work, The 
schedule given for each chapter serves only as a guideline The teacher has the 
freedom to organise his teaching schedule, wherever he considers some change is 
necessary. It is hoped that the background information will be of help to the teacher 
in presenting the subject in a more facile manner. 

The members of the study groups are thankful to the staff of the Department 
of Science Education, N.IE,, New Delhi, and in pariicular to Prof. M. C. Pant, for 
their help in the preparation of this edition. They gratefully acknowledge the help 
and encouragement given by Piof D. S. Kothari, the then Chairman of the University 
Grants Commission, and Chairman, Coordinating Committee, Mr. 1. S. Chandrakant, 
at that time Joint Educational Advisor incharge, NCERT, Mr. Jayaraman, Joint 
Secretary, Ministry of Education, Government of India, Piof. S. V. G, Iya, Director 
NCERT. The members of the study groups air thankful to the NCERT for the 
financial support which has made this project possible, 

They appreciate the services of Sri G Sivaram, artist, for his illustrations. 
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Action of Heat on Substances 


INSTRUCTION MATERIAL 

Introduction 

The purpose of chapter I is two fold s 

(i) to acquaint the students with elementary techniques like heating, weighing 
and manipulation of glass tubing etc. 

(ii) to enable the students to study the action of heat on substances. 

Outline 

1. Heat producing no change in composition (1.1) 

2. Heat producing change in composition (1.2) 

Concept 

Heat produces phase and chemical changes. 

SCHEDULE 


Lesson 

Experiment 

Postlab 

Demonstration 

Text covered 

1 

1 & 2 


- 


2 

3 

Discussion 

I 

1.1 

3 

4 

Discussion 

— 

1.2 

4 

5 

Discussion 

II 

1.2 

5 

6 

Discussion 

— 

1.2 

6 

7 

Discussion 

— 

1.2 

7 

— 


— 

Review & quiz 





Development 

The instiuction may start with a demonstration of the various parts of the 
Bunsen buinei and their assembling During the demonstration, elicit from the 
students the various sources of heat If available, it would be worthwhile to demon¬ 
strate other types of burneis, particularly the fishtail burner Discuss the purpose of 
each type of bin tier. The students may then he asked to pcrfoim experiment 1, 

L j 

Experiment 1 The Bimsen burner 
Time lequired : 30 minutes 

Instead of nichrome wire, any other resistance wire may be used. 

Questions and answers 

1. Describe the flame obtained when the an inlets aie 
(a) closed and (b) opened 

(a) When the air inlets are closed, the flame becomes sooty due to incomplete 

combustion of the gas 

(b) When the air inlets are opened, the flame becomes non-luminous due to 

more or less complete combustion of the gas, 

2. Which Ilame would you use for heating purposes i 1 Why ■' 

The non-lununaus flame is used loi healing, since it is the hottest flame 
and does not deposit soot. 

Befme the commencement of the experiment 2, il is better to demonstrate the 
manipulation of glass as described m the expenmcni. 

The correct adjustment of the flame, the pioper holding of Lhe glass tube, the 
process of annealing must be clearly brought out. The students may then be asked to 
perform experiment 2. 

Experiment 2 Working with glass 

Time required : 45 minutes 

Ask the students to pieparc a delivery tube, a tube bent twice .at right angles 
and three or four droppers, which could all be used subsequently. 

1.1 Heat producing no change in composition 

Ask the slqdents to recall some of lhe effects of heat on matter, particularly the 
expansion of matlcr. The demonstration on phase changes may then be taken up. 
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Demonstration. I Phase changes 
Time requiied • 30 minutes 

Materials required 

Beaker (250 ml) Ice 

Theimometer ( -10° to 110°) 

Wire gauze 
Glass rod 
Stop clock 


Procedure 

Take about 100 g of crushed ice in a 250 ml beaker and insert the 
thermometer into it, When the mercury level remains steady note the temperature 
and record it Keep the beaker on the vvire gauze over a low llame and start the 
stop-clock. Keep the contents stared by means of glass rod and tecoid the tempera¬ 
ture at intervals of one minute, 

Point out to the students that the temperature remains constant till all the ice 
melts. Introduce the concepL of ‘phase’ (e g. when the ice is melting, point out the 
two phases, water and ice). Continue heating and recording the temperatuie until the 
water starts boiling Keep the water boiling for live more minutes. Point out to the 
students the constancy of tempcialure at the boiling point. 

Draw a graph on the board plotting temperature against time, 

Discuss the graph obtained and impress upon students that the temperatuie 
remains constant during the phase change of a pure substance. Now the students may 
perform experiment 3. 

Experiment 3 Purification of a substance by sublimation 

Time required . 30 minutes 

The sample of camphor may be given in packets of 2 to 3 g If camphor is 
not available, naphthalene or benzoic acid may be supplied. Recall the process of 
sublimation and discuss the principle employed in the purification of camphor. 

Postlab discussion 

Focus the attention of the students on the fact that sublimation is also a phase 
change. It should be pointed out that m this process there is no change in the 
composition of the substance 

1.2 Heat producing change in composition 

At this stage the students may be introduced through experiment 4, to the 
action of heat on substances leading to a change in composition. 
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Experiment 4 Action of heat on substances 
Time required . 30 minutes 

0.5 g of each of the materials mentioned in the laboialoiy manual may be 
given in separate packets. 

Preparation of cobalt chloride paper 

The cobalt chloride paper may be prepared by soaking liltci paper sLiips in a 
5% solution of cobalt chloride and drying them m an oven at 110°. The strips should 
be preserved m desiccating bottles (bottles containing lumps of fused calcium 
chloride). 

Preparation of lime water 

Lime water may be prepared by shaking 2 to 3 g o( slaked lime in 1 litie of 
water. Let it stand for 2 to 3 hours and then decant Store the clear solution in a 
stoppered bottle to protect it from atmospheric carbon dioxide. 

Copper (II) sulphate, CuS0 4 5LI 2 0 (blue in colour) is to be heated very 
carefully until it becomes almost colourless Too strong a beating lcsults in the 
decomposition of copper (II) sulphate mto coppei (II) oxide (black). 

CuS0 4 -CuO + S0 2 4- 4 0 2 

Postlab discussion 

Lead the students to recognise that 

i) substances like zinc oxide do notundngoany change in chemical com¬ 
position on heating, 

n) substances like copper (II) sulphate when heated lose water of hydration 
and undergo some change in composition. But when water is added to 
the anhydrous substance hydrated copper sulphate (bluel is formed. 
Thus the piocess is reversed, and 

lii) substances like lead nitrate and copper (II) carbonate decompose and 
undergo permanent change in composition. 

Question and answer 

Indicate which of the substances you healed 

i) returns to the oiiginal state on cooling, 

ii) decomposes but is reformed when the products of decomposition are 

brought together, and 

iii) seems to have undergone a permanent change, 
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i) Zinc oxide returns to the origtnal state on cooling. 

li) Copper (II) sulphaLe decomposes, but is reformed when the products of 
decomposition are brought togethei 

lii) Copper (II) carbonate and lead nitrate seem to have undergone a perma¬ 
nent change. 

Demonstration II can now be taken up to illustrate that heat brings about 
decomposition. Decomposition is accompanied by loss in weight due to escape of 
some of the gaseous of products formed. 

Demonstration II Action of heat on ammonium dichromate 

Time required : 10 minutes 


Materials required 

Balance Ammonium dichromate 5 g 

Weight box 

Crucible 

Tripod stand 

Clay pipe triangle 

Pair of tongs 

Asbestos sheet 

Sheet of paper 

Desiccator 


Procedure 

Place about 3 g of ammonium dichromate in a small crucible and determine 
the weight correct to a centigram 

Insert a 3 cm magnesium fuse into it so that it touches the bottom of the crucible. 
Place the crucible on an inverted metal tray placed on a large sheet of paper and 
ignite the magnesium fuse with a Bunsen or other hot flame, A lot of green mass 
spurts out of the crucible. This demonstration will be very spectacular in a dark room 
Collect the green mass thrown out on the paper and transfer it into the crucible. Show 
that the crucible is almost filled with the product. Allow the crucible to cool in a 
desiccator. 

Weigh the crucible with the pioducl and record the weight. Find the weight 
of the green mass. Compare it with the mass of the dichromate. Show that it 
weighs less. 

Elicit why there is decrease in the weight even after careful collection of ail the 
green mass Discuss the reaction and elicit whal might have been lost 
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Note : It may be noted that some magnesium oxide is formed and this adds on to 
the weight, However, U is not considerable, borne chromic oxide formed 
may be lost due to the vigour ol the icactiori. 

After the above demonstration the coircct use of balance has to be demonstrated. 
Check up if all the balances are m good order befoie asking lue sLudents to proceed 
with experiment 5. 

Experiment 5 The use of a balance 
Time required ■ 90 minutes 

Fostlab discussion 

Ask the students to find the avciage weight of a peanut Then plot the average 
weight of one peanut obiained by each student against his/her roll number Elicit 
from the students the answers to the questions given at the end of the experiment in 
the lab manual. 

The students may now proceed to experiment 6 

Experiment 6 Change in weight on heating-I 

Time required 90 minutes 

Packets of about 1 g of hydrated baiium chloride may be given 

if desiccators are not available, desiccating bottles ol the type shown in the lab 
manual can be used. A tightly closed lianspirent plastic bottle containing fused 
calcium chloride and a clay pipe triangle bent in the foim of a tripod will serve 
the purpose. 

Cacuiation 

= Wi g 

= W 2 g 
= W 3 g 

= iWjr-Wi) g 

= (Wr-W,) g 


Wt. of empty crucible 

Wt, of ciucible -f- barium chlonde before heating 

Wt. of ciucible + barium chioridc after heating 

Wt. of barium chloride taken 

Loss of weight in barium chioridc 

(W 2 -Wj) g of barium chloride loses (W 2 -W 3 ) g 


100 g of barium chloride losses— 

(W 2 -W,) 


Percentage loss in weight 


100 (W 2 -W 3 ) 
(Wr-W,) " 
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Postlab discussion 

Ask the students to round off the value of V to the neai est integer since the 
number of molecules should be a whole number. 

The value of x is 2. 


Question and answer 

Using the data and assuming Lhe formula of anhydrous banum chloride to be 
BaCl, determine the formula of hydrated barium chloride ( At. wt of Ba = 137.41; 
’ Cl = 35 50 ) 


Formula weight of BaCl : (anhydrous) = 137.4 + 71 = 208.4 
(Wj-Wj) g ol anhydrous barium chloride combines 
with (W 2 -W 3 ) g of water 

208 4 g 1 e., one mole of barium chloride combines with 


2fl l 4 (W >-W g of water 
(W 3 -W,) 


208 4 x (W r VV 3 ) 
(VV 3 -W 1 ) X ’ 18 


moles of water 


= x moles of watci (say) 


The forrnu'a of hydrated barium chlonde is BaCl 2 .x H 2 0. 

Experiment 7 Change in weight on heating II 

Tune required : 80 minutes 

The magnesium ribbon should be freed of the oxide coating by nibbing with 
sand paper. Each studeni should be given about 0.5 g of the mcial 


Calculations 


Wt. of empty crucible ^ W l g 

Wt. of crucible + magnesium = W 2 g 

Wt. of crucible -j- magnesium oxide - W 3 g 

Wt. of magnesium taken — (\V 2 -Wi) g 

Gam in weight on heating = (W 3 -W 2 ) g 


(W 2 -Wj) g of magnesium gains (W 3 -W 2 ) g 

•100 r • • 100 (W 3 -W 2 ) 

.. 1 UU g ol magnesium gains--—-—=4 g 

(W 2 -W,) 

. r> .100 (W,-W,) 

.. Percentage gain in weight = —2 ±1 

(Wj-Wj) 
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Postlab discussion 

Discuss why there is an increase in the weight. 

Question and answer 

Using the data, determine the formula of magnesium oxide 
(atomic weight of Mg = 24; O = 16) 

(W 2 -W|) g of magnesium combines with (W 3 —W 2 ) g of oxygen. 

24 g (i.e,, one g atom) of magnesium combines with 

(W 3 ~W 2 ) 

-— x 24 g of oxygen 

(Wj-W,) 

(Wj-W 2 ) v 24 

= -— X •— g atom oi oxygen 

(W 2 -W t ) 16 5 

= x g atom (say) 

x should be corrected to nearest integer 
Formula of magnesium oxide is MgOx 
The value of x is 1, 


8 



BACKGROUND INFORMATION 


Sources of gas for the Bunsen burner 

The usual source of heat in chemical laboratories is the Bunsen burner in 
which a mixture of air and hydrocarbons obtained by the thermal cracking of 
kerosene oil or petrol is burnt Now a days, hydrocaibons obtained as by products in 
petroleum refineries are available in cylinders—Burshane, Calgas, Esso, Iudane, etc, 
and these may also be used with suitable modifications to the burners 

Among the various types of burners used m the laboratory, mention must be 
made of the fish-tail burner. 

For bending glass tubing a fish-tail burner is employed. This gives flat flame 
(Fig. 1,1a) in which the tube may be evenly heaLed by gently rotating the tube in it 
The same kind of a flat flame may be obtained by fixing a wing lop to the burner 
(Fig. 1.1b). 




w w 

Fig, 1.1 (a) Fish-tail flame (b) Burner with a wing top 

The Meker burner (Fig. 1.2) is a larger burner fitted with a wire gauze at its 
mouth. The air holes are also larger. Each fret of the wire-gauze acts as a tiny 
Bunsen burner. The Meker burner gives an intense heat over a large area. 
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Glass 



Glasses arc complex silicates of sodium, pota¬ 
ssium, calcium and aluminium besides a few other 
elements. Glasses in which sodium silicaies predomi¬ 
nate fuse more easily and are known as soda glass or 
soft glass. Glasses in which potassium silicates 
predominate are known as potash glass or hard 
glass and they are ntoie difficult to melt. 


Glass is a supeicooled liquid. It is not a true 
ciystallme solid Hence it docs not melt shaiplyon 
heating but has a wide range o( softening temperatures, 
It is this large temperature tange of softening which 
enables glass in lie manipulated easily 


Fig. 1 2 The Mekei burner 


If fused glass is cooled fast, it develops inner cracks or “faults” Hence it it 
advisable to allow hot glass to cool slowly. This process is called “annealing” Thas 
is why after manipulating a glass rod or glass lube, it is covered with a layer of soot so 
hat the glass piece cools slowly. 


1.2 Heat producing change in composition 

When a hydrated crystalline substance is healed, it lends to lose the water of 
crystallization and become an hydrous For example, CuS0 4 5H 2 0 [blue) on heating 
loses four molecules of water at 100°G and forms the monohydrate, CuS0 4 .H 2 0 
(bluish white), At 230° the fifth molecule of water alsi is lost and white anhydrous 
copper (II) sulphate, CuS0 4 , is formed On further healing to a temperature op 
650° to 750°C, copper (II) sulphate decomposes into the oxide. It is believed that 
the four molecules of water lost in the first stage are associated with the cation and 
other molecule with the anion. Most hydrates lose water on heating But there are 
a few exceptions, For example, the hydrate, MgCl 2 .6H 2 0 on heating does not lose 
water but decomposes giving off hydrogen chloride 

Generally, the water molecules enter the ciystal lattice of the hydrated salts 
Hence loss of water of crystallisation is followed by the loss of a particular <trystallin e 
shape. The tenacity with which the molecules of water arc held by the ions in the 
crystal varies considerably from element to element, 




The change of urea to ammonium cyanale is the reversal of Lhe famous 
experiment of Wohler who obtained urea by lhe reaction 

NH 4 CNO ^ CO (NH 2 ) 2 

and synthesised the first organic chemical (urea, which is found in urine) from an 
inorganic salt. Such changes where there is no change m composition but only 
a change in molecular structure are known as molecular reanangements, 

Change in the compositio 1 of a substance can be brought about by other types 
of energy besides heat. For example, light energy can cause Lhe decomposition or 
silver halides and this fact is used in photogiaphy Such uactions are called 
photochemical reactions Another example of this type taking place in nature is 
photosynthesis Similarly reactions can be brough about by elcctncal energy as 
well, - for example, in electrolysis, eleetr iplatmg, reactions in a cell, reactions under 
an electric discharge etc Sometimes t ie energy released in a certain leaction is enough 
to initiate another reaction. 
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Quiz 

Each question given below is followed by foui answers One of them is correct. 
Tick off (V) the correct answer and indicate m the bracket provided. 


1. An example for phase change is ( 

(a) burning of magnesium 

(b) sublimation of camphor 

(c) heating of red lead 

(d) heating of urea. 

2. During a phase change the heat supplied is used ( 

(a) to overcome the forces of attraction 

(b) to decrease the thermal agitation of particles 

(c) to increase the velocity of particles 

(d) to increase (lie temperature. 

3 During a phase change ( 

(a) temperature increases 

(b) temperature decreases 

(c) temperalure first rises and then falls 

(d) temperature remains constant. 

4. Sublimation takes place when ( 

(a) lead nitrate is heated 

(b) iodine is heated 

(c) an electric current is passed though acidulated water 

(d) a zinc rod is placed in silver nitrate solution, 

5. An example of a substance which loses weight on 

heating is ^ 

(a) zinc oxide 

(b) litharge 

(c) copper (II)_carbonate 

(d) sodium chloride. 

6. An example of a substance which gains weight on 

heating in air is ^ 

(a) magnesium carbonate 

(b) magnesium 

(c) platinum 

(d) red lead. 


) 
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7. An example of a substance which does not lose water 

vapour on heating is ( ) 

(a) magnesium carbonate (hydrated) 

(b) red lead 

(c) copper (II) carbonate 

(d) cobalt chloride. 

8 The substance which evoh es oxygen on heating is ( ) 

(a) coppee (II) carbonate 

(b) potassium permanganate 

(c) copper (II) sulphate 

(d) magnesium carbonate. 

9. 84 g of magnesium carbonate gives 44 g of carbon 

dioxide on heating The weight of magnesium caibonate 
required to produce 11 g of carbon dioxide is ( ) 

(a) 42 g (b) 21 g (c) 12 g 

(d) 11.5 g 

10. When 6 g of magnesium are completely burnt in 
oxygen we get 10 g of magnesium oxide The 
weight of magnesium oxide when 1.5 g of magnesium 

burns completely in oxygen is ( ) 

(a) 2.5 g (b) 5 g (c) 7 5 g 

(d) 0.125 g 

11. When 100 g of calcium carbonate is heated 44 g of 
carbon dioxide is obtained. The number of grams 
of calcium carbonate required to yield 11 g of carbon 

dioxide is ^ ^ 

(a) 70 g (b) 50 g (e) 25 g 

(d) 12 5 g 

12 . 100 g of calcium carbonate on healing yields 56 g 
of calcium oxide. The number of grams of calcium 

carbonate to yield 7 g of calcium oxide is ( ) 

(a) 3.5 (b) 1 ( c ) 12,5 

(d) 28 
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Electrical Nature of Matter 


INSTRUCTION MATERIAL 

Introduction 

The purpose of this chapter is (o establish the presence of matter. An attempt 
is made to explain the electrical conductivity in solids and solutions. 

Outline 

1. Thermionic emission (2.1) 

2 Photoelectric emission (2.2) 

3 Gas discharge (2.3) 

4. Electrical conduction in metallic substances (2.4) 

5. Electrical conduction in liquids and solutions (2,5) 

6. Relation between quantity of electricity and the amount of material 

deposited (2.6) 

Concepts 

1 Electron is an universal constituent of all forms of matter. 

2. Conduction of electricity is due to the flow ot electrons and/or of ions, 

3. The amount of substance (s) liberated at the electrode is directly propm- 
tional to the quantity of electricity passed. 


SCHEDULE 


j Lesson 

Experiment. 

Postlab 

Demonstration 

Text covered 

1 

— 

Discussion 

i 

2.1 

2 

— 

Discussion 

ii 

2.2 

3 

— 

Discussion 

hi 

2.3 

4 

8 & 9 

Discussion 

— 

2 4 & 2.5 

5 

— 

Discussion 

IV 

25 

6 

— 

Discussion 

V 

2.6 

7 

— 


— 

Review & quiz 


Development 

2.1 Thermionic emission 


The phenomenon oT thermionic emission may be illustrated thiough Demons¬ 
tration I. The observations made by the students should be discussed in the light of 
the material given in the text 

Demonstration I: Thermionic emission 

Time required • 30 minutes 

A suitable radio valve with low characteristics (6H6 for instance) which is easily 
available in radio components shops may be used. A typical assembly required for this 
demonstration is illustrated in Fig 2,1 

Materials required 

Radio valve 6FI6 

Milliammeter (0-300 rna) for filament current 
Miliiammeter (0-1 ma) for anode current 
Wircwound variable rheostat (50- -10 watts) 

Wirewound variable rheostat (10U0- -3 watts) 

Accumulator 6 volts 

Connecting wires with crocodile clips - 6 
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Fig. 2.1 Thermionic emission (schematic circuit diagram) 


Procedure 

Assemble the apparatus as shown in the circuit diagram (Fig. 2 . 1 ) and keep it 
ready beiore the lesson begins. Explain the different components of the apparatus and 
their functions The valve 6 H 6 is a diode consisting of a cathode heated by a hot 
filament and a plate (anode) The filament is placed very near to the cathode but 
not touching it. When the filament is connected to an accumulator the current 
passing through the filament heats it and thus the cathode is heated to a high tempera¬ 
ture The heat supply to the cathode can be adjusted by regulating the current 
through the filament with the help of the rheostat R, The heated cathode emits 
electrons which are accelerated towards the plate by voltage applied across the cathode 
and the plate. Rheostat R 2 controls the voltage acioss the diode. The milliammeter M 2 
measures the electron flow thorough the diode valve. 

Adpist the lesistance R 2 about midway between its extreme positions, increase 
the current passing through the filament by decreasing the resistance R, gradually and 
note the increase in the reading of the milliammeter M 2 in the plate circuit. The 
increase oi the current strength in the plate cirruit indicates the electron flow from the 
cathode to the anode. 

Point out to the students that m this demonstration the number of electrons 
flowing through the anode circuit depends on the temperature of the filament, the plate 
voltage being constant. 
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Note The conventional method of showing the current flow in the circuit fiom 
positive to negative teimmal of the voltage source should be avoided and 
only the direction of the flow of elections should be shown. 

2.2 Photoelectric emission 

The use of photoelectiic cells m vanous common devices such as the exposure 
meter, cinematography and television may be mentioned. Metals like cesium, 
potassium and sodium are found to exhibit phctoelcctnc emission. Tor the sake of 
simplicity a liquid photoelectric cell may be demonstrated as described below to 
illustrate the effect of light on the flow of electrons through an electrolyte. 

Demonstration II: A liquid photoelectric cell 

Time required : 30 minutes 

Materials required 

Copper sheet (15 X 3 cm) 0.001 M Nitric acid 

Lead sheet (15 X 3 cm) 0.1 M Lead nitrate 

Galvanometer 



Fig. 2.2 Liquid photoelectric cell 


Heat the copper sheet in a Bunsen flame until it is covered with black copper 
(II) oxide. Then place it in dilute nitric acid for about 5 minutes. Remove it when 
a red layer is visible. The red layer is copper (I) oxide which is sensitive to light. 
Immerse the sheet in a jar containing lead nitrate solution. On the other side insert 
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a clean sheet of lead of the same dimensions and connect the metal strips to a 
galvanometer. Avoid any direct light on the cell electrodes. The cell should 
preferably be assembled in semidarlmcss, Shine a stiong light on the copper (I) oxide 
layer and observe that the galvanometer will show an increase in the cm rent reading. 
Note what happens to the current when the light is moved away. 

It is advisable to prepare the strip with copper (I) oxide layer before the 
lesson starts. 


2.3 Gas discharge 


The central idea to be brought out m this section is that electron is an universal 
constituent of all matter. There is no simple demonstration which ran show the 
above fact but it will be better at this stage to introduce to the students the 
phenomenon of the electric discharge through gases under reduced pressure. It may 
also help the student in understar ding the material given in a later chapter. 


Demonstration III Discharge through gases 

Time required : 40 minutes 

Materials required 




Tube (1) containing air at atmospheric pressure with elec¬ 
trodes at both ends 


A set of cathode 
ray tubes 


Tube (2) evacuated tube with electrodes at both ends 

Tube (3) evacuated tube with cathode at one end, anode 
(having a hole in the middle) fitted at the centre of 
the tube and a fluorescent screen at the other end. 


6 volts battery or a suitable D. C. supply 
Induction coil or an auto ignition coil 
Bar magnet (or a strong horse shoe magnet) 

D. C. Ammeter (0-100 mAmp) 

Connecting wires, crocodile clips and sand paper 

Procedure 

e secondary termina! of the induction coil to the electrodes or tube 1. 
e ectton on the ammeter will be observed. Gases at atmospheric pressure do not 
conduct electricity. 
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Connect the electrodes of the tube 2 which is evacuated to a low piessure to 
the induction coil terminals. Ask the students to note the current in the ammeter 
and to observe the glow between the electrodes. 


Use the cathode ray tube with a perforated anode in the centre and a fluorescent 
screen at the other end (tube 3). 


Apply the voltage across the tube and ask the students to note the position of 
the spot on the fluorescent screen. Explain that the spot is produced by the cathode 
ray beam. Now bring the north pole of a bar magnet near the cathode ray beam 
and ask the students to observe the change in the position of the spot on the fluorescent 
screen Explain that this is due to deflection of the cathode rays from their original 
path. Then bring the south pole of the magnet near the cathode ray beam and show 
that the deflection is in the opposite direction. Take away the magnent, apply the 
e ectric eld and show that the cathode rays are deflected towards the positive plate 

ig. .3). Elicit from the students that the cathode rays are negatively charged. 


To vacuum 
pump 



f B 


High voltage 
scuice 




. Fluorescent 
screen 


Fig- 2,3 Deflection of cathode rays by electric field 


, a Vf f hat thesameresultscouldbe Gained using cathodes made 

of any _ metal and using any gas in the discharge tube. These results lead to the 
conclusion tha there are particles commonly present in atoms of all elements and 
they are negatively charged. ’ ancl 


a a S ! UdentS Sh ° uld rccognise that whal they see is the path of the electrons 

1.1 llT 'tT lves ' ? ht ekw “ Jilt .™ 

is produced by the bombardment of the wall by electrons. & 



After the demonstration, develop the matter along the lines of the text. 
Veiy little historical backgiound need he given here. Following points should be 
brought in the discussion ■— 

1) The election has a very small mass, 1/1837 of that of a hydrogen atom. 
Mass of hydrogen atom = 1.6 X lO" 24 g. Mass of election = 9.1 X 1O“ 20 g- 

2) It carries the smallest known quantity of negative electric chatge. This is 
the unit of electricity (1.6 X 10" 19 coulomb or -1.8 X 10" 10 electros¬ 
tatic units). 

3) Electrons are the common constituents of the atoms of all elements. We can 
cause emission of electrons from atoms in different ways. 

i) as above by an electric discharge through gases, 

ii) by heating metals to reel heat and 

iii) by the action of light on certain metals, 

Electrons obtained from any element by any method are identical in mass and 
charge. They may however have a different initial velocity. The demon is one 
of the fundamental particles of matter. 

2.4 Electrical conduction in metallic substances 

The development of this section should start with experiment 8 on electrical 
conduction through solids. 

In a brief prelab discussion demonstrate the assembling and use of the 
apparatus. The students should be asked to take precaution against damaging of the 
cells due to short circuiting. 

Experiment 8 : Electrical conductivity of solids 
Time requited : 25 minutes 

Sufficiently large crystals (™ 1cm long) of copper sulphate and alum should be 
supplied so that the electrode terminals are not short-circuited during the experiment. 
The teacher may supply additional samples available in the school for observing their 
electrical conductivity A few substances which may be easily available and which 
are suitable for this experiment are mentioned here : coins, pieces of marble, sulphur, 
wax, plastic sheet, candy drops, lumps of iron sulphide, lumps of rocksalt, wooden 
chips, charcoal, graphite etc. 
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Postlab discussion 


Wiiie on the blackboard students’ observations and see whether they have 
classified the materials correctly. The discussion should not be limited to the 
classification. Explain why metals ate good conductois and plastics, tardlioud eli 
ate non-conductors. Point out that metals possess mobile elections and condin lion is 
due to movement of these electrons. 


When a potential is supplied across the ends of a conducloi the mobile 
electrons gel displaced and move along the circuit. Thus a flow of elections results. 
During this flow a certain number of electrons enter the metal fiom the negative 
terminal and the same number of elections leave the metal and enter the 
positive lemnnal Thus during the conduction of clectricny the electrons me not 
removed fiwn the metal but aic maintained in a continuous motion i.c Dpt moving 
in a utcuit There is no visible transfer of mattci, or any change in the nature ol die 
conducting substance, duung metallic conduction C)n the other hand sulstunus 
like plastics, sulphur, wax, rubber do not contain mobile electrons and so they an 
non-conductors. 


Qiiestion and answer 

Based on your observations, classify the substances into conductois and non¬ 
conductors of electricity, 

Conductors Non-conductors 

^ 0 PP ei Cardboard 

Glass rod 

Copper sulphate crystal 
Alum ciystal 

Wire with plastic insulation aL both ends 
Wire with one end bare 

2.5 Electrical conduction in liquids and solutions 

The teacher should start this section with experiment 9 followed by demon 
stration IV. ‘ 


Lead 

Wire with both ends bare 
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Experiment 9 : Electrical conductivity of liquids and solutions 
Time requiied : 30 minutes 

The following solutions should be supplied to the students. 

a) Benzene, alcohol and kerosene (50 ml of each liquid may be given). 

b) Aqueous solutions of 

i) 0,2 M hydrochloric acid (16 ml concentrated acid per litre) 

ii) 0.2 M sodium hydroxide ( 8 g solid dissolved in 1 litre) 

iii) 0.2 M potassium iodide (33 g solid dissolved in 1 litre) 

iv) 0.2 M sodium chloride (12 g solid dissolved in 1 litre) 

v) 2% sugar solution (20 g solid dissolved in 1 litre) 

c) Solution of hydrogen chloride in benzene is prepared by bubbling the dry 
gas through benzene for about 10-15 minutes. 

Hydrogen chloride gas is prepared as follows. 

About 100 g of common salt are taken in a flat bottommed flask and con¬ 
centrated sulphuric acid is dropped slowly through the thistle funnel. The gas 
generated is dried by passing it over calcium chlorrde kept in a U-tube. The dried 
gas is bubbled throug h benzene. 

Note : The reaction between sodium chloride and sulphuric acid proceeds in the 
cold. However, if a more vigorous supply of hydrogen chloride gas is 
required, the mixture may be heated gently, 



NaCI + H 2 SOj (cone) 

Fig, 2 A Dissolution of hydrogen chloride gas in benzene 

The apparatus indicated in Fig. 13, page 23 of the laboratory manual may be 
used- It is necessary to see that the electrode terminals do not get short circuited 
during the experiment. An improved form of apparatus which eliminates short- 
circuiting is given below (Fig, 2.5). 
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Copper electrodes may be fixed about 2-3 cm apart from each other in a 
wooden strip. This type of electrode-holder should be placed on the beaker 

containing the liquid. 


3 v 1 5 Volt bulb 



Fig. 2.5 Electrical conductivity of liquids and solutions 


A brief prelab discussion may be necessary to explain and demonstrate the 
assembling and woiking of the apparatus, and precautions to be taken against short- 
circuiting. Use a torch bulb of 1.5 volts in place of a 3 volt bulb. 


Postlab discussion 

It should not be limited to the classification of liquids. The following points 
may be brought out from the students’ observations ■ 

a) All solutions do not necessarily conduct electricity. Conductivity is 
dependent upon the free movement of ions. 


b) Dissolving a solid or a gas in a solvent does not always give a solution 
containing ions. 
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Question ant! answer 

Based on your observations classify the substances into conductois and non¬ 
conductors of electricity. 


Conductors 

Aqueous solutions ol 
hydiochloric acid, 
sodium hydroxide, 
potassium iodide, 
Common salt, 


Non-conductors 

Distilled water 
Benzene 
Kerosene 
Alcohol 
Sugar solution 

Solution ol hydrogen chloride in benzene, 


Note : Alcohol may show very feeble conductivity il it contains considciable amounL 
ol watei. Distilled water shows feeble conductivity. 


Electrical conduction through fused salts 

In demonstration IV, in the place of lead bromide any sail such as 
SnClj (243°C), Pbl 2 (412°C) or NaN0 3 (3I6°C) which melt at a reasonably low 
temperature could be used. 

Demonstration IV ' Electrical conduction through a fused salt 

Time lecjuued : 30 minutes 


Materials required 

6 volt battery Lead bromide 

D. C. Ammeter (0-0 2 Amp) 

Rheostat 

Carbon rods (from spent dry cells) 

Clips to hold electrodes 
Beaker (100 ini) 
lion stand with clamp 
Bunsen burner 
Wire gauze 


24 



6 V 



Fig. 2.6 Electrical conductivity through a fused sail 


Procedure 

Take the salt in a beaker. Place the electrodes as shown in the Pig. 2,6. 
Gently heat the beaker on a Bunsen burner until the salt melts. 

Allow the contents to cool and solidify. Connect the electrodes to the battery 
as shown in the diagram. Let the students observe that solid lead bromide does not 
conduct electricity. Heat the beaker again till the salt melts. Show to the students 
that in the molten state the salt conducts electricity. 

Note 1 : Avoid overheating since the salt may decompose and give out toxic fumes, 

Note 2 : Students may be inquisitive to know why salt was melted initially. Tell 
them that this was done to drive away air (bad conductor) between lead 
bromide particles and to obtain a lump of the salt in contact with the 
electrodes. 

Discuss the results with the students. Elicit from them the following facts; 
Metals are good conductois. Ionic subslances like lead bromide do not conduct 
electricity in the solid state. But molten lead bromide as well as an aqueous solution 
of lead bromide are conductors. This means that they contain ions which are mobile 
and so are free to carry current. In solid lead bromide, the ions are present but they 
are not free to move and carry the current. 
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This method or conduction of electricity in aqueous solution and melts is ‘ionic 3 
or ‘electrolytic’. At this stage a comparison may be made between ‘ionic’ conduction 
through liquids and the ‘electronic’ conduction through metals. The principal idea to 
be emphasized in the discussions on section 2.5 is that an elecliic cunent is a flow of 
electrons or ions. 

2.6 Relation between quantity of electricity and the amount of material 
deposited. 

Since electricity is carried by ions, (during the electrolysis of ionic solids in 
fused state and their aqueous solutions) whose charges aie simple integral multiples of 
unit positive and negative charges depending upon their nature, it is reasonable to 
expect a quantitative relationship between the quantity of electricity passed and the 
amount of products formed. The relationship can be brought out through demons¬ 
tration V given below. 


It is advisable to start this demonstration before the school houis, so that the 
results will be available after 1 period. 

Demonstration V: Relation between the quantity of electricity and the 
masses of products 

Time required : 30 minutes 

Materials required 


6 volt battery 

Rheostat - ( 5 -n- resistance ) 
D.C. Ammeter (0-0,5 amps ] 
Beakers (100 ml) 2 

Connecting wires 

Copper foil electrodes 2 
(5 X 3 cm with electrode-holder) 
Silver foil electrodes 2 
(5 X 3 cm with electrode-holder) 

Stop watch 


0.05M copper (II) sulphate solution (1.25g 
salt dissolved in 100 ml water) 


0.05 M silver nitrate solution (0.8 g salt in 
100 ml) 

Ethanol 50 ml 
Acetone 50 ml 
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Procedure 

Clean the electrodes, weigh them accurately and set up the apparatus as shown 
in Fig. 2.7. The beaker A contains 0 05 M copper (II) sulphate solution and copper 
electrodes, and beaker B contains 0.05 M (approx) silver nitrate solution and silver 
electrodes. Start the current and the stop watch. Using the rheostat R adjust the 
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Fig. 2.7 Relation between, the quantity of electricity and masses of products 


current density at the cathode to about 10 milliamp, cm -2 , (total current in milliamps 
divided by area of cathode in cm 2 ). For this, with electrodes given above, about 
0.1 amp current will be required as the area dipping in the solution will be about 
10 cm 2 . Adjust the current strength to 0.1 amp with the help of the rheostat. 


After one hour remove the cathodes, wash them by dipping first in distilled water 
and then in acetone. Since the silver deposit may not adhere well to the cathode, 
care has to be taken so that no silver is lost d uring washing. Find the increase in 
the weight of both the cathodes and compare the ratio of the gain in weights to the 
ratio of atomic weights of the metals, Calculate the quantity of electricity passed through 
l he circuit from the current strength and time. From these results calculate the 
quantity of electricity required to deposit one mole of copper and one mole, 
of silver. 
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It follows that there must be a diicit idation beluan the munbci ul atoms 
(or gram atoms or moles of substances) deposited ( or liberated) at the electrodes and 
the number of electrons in the circuit. In other words, the mass of the grven 
substance deposited at the electtodes will be pinpoilion.il to the quantity of electricity, 

O = n.e l, 

where n = number ol electrons passing a lelerence point m the circuit pci second, 
e = charge of election (1.6 X 10~ iy coulomb) and 
t = time m seconds. 

The students can thus associate a finite amout of electricity with the liberation of 
one mole of any element during electiolysis In a .simple case when an atom is formed 
from the ion by the gain or loss clone election, the quauliuiy of < let Unity inquired to 
liberate onr mole ol the element (b 02 X 10 23 atoms) will be the charge earned by 
one mole of electrons (1 e. 6.02 X 10 21 elections) Tins quantity of chxtncity is 
know as one Faraday of electricity. 

F = 6 02 X 10 23 X 1.6 X 10’ 19 i.c. 96500 coulombs. 

The numerical pioblems given in the text may be discussed in the class to make these 
ideas more clear. 
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background information 


2.1 Thermionic emission 

Thermionic emission lakes place when heal is supplied lo metal atoms. The 
minimum quantity or energy required to remove an electron from the metal surface 
depends upon the nature of the melal, its suifacc condition, absoibcd films and metal 
impurities. The phenomenon of thermionic emission was used by Sir John Fleming in 
in a device used to rectify elecliic current (conveit A G. to D. C). Such an 
arrangement is called vacuum tube lcctificr or vacuum diode (arrangement with two 
electrodes). A vacuum diode consists ol an anode and a cathode enclosed in high 
vacuum. The cathode is heated to the requited temperature cither by passing an 
electric current (direct heating) or by placing it near a hot filament (indirect 
heating). The heated cathode emits the electrons which are collected by the anode 
under the voltage applied acioss the two electrodes In a dnectly healed cathode a 
tungsten or thoriated tungsten wire is heated to about 2000° or 1300°C. respectively, 
by passing a direct currert. For the indirectly healed cathode, a nickel foil covered 
with a film of alkaline earth oxides is heated to 700-900°C. by a filament close to but 
not touching it. The filament is made of a icsistance wire and is heated by the 
passage of either an alternating or direct current The number of electrons emitted 
by the cathode depends on the work function of the metal and its temperature. 
The anode attracts the electrons emitted by the cathode and thus u current flows 
through the diode. The strength of the current depends upon the surface aica of the 
cathode, the area and nature ot the anode surface and the applied voltage between 
the electrodes. 

2.2 Photoelectric emission 

Photo electric emission differs Horn thermionic emission only in that (he energy 
required for the emission of electrons is supplied by light (of suitable wavelength), 
When the energy associated with the incident lighL photon is greater than that 
required to iclease an election (threshold energy known also as the work function) the 
electron is rclea cd from the surface with a kinetic energy equal lo the excess energy 
supplied. (= energy of photon - threshold energy) Thus, if E is the ini ident enei gy 
and E’ is the threshold energy, the kmetu energy of the released electron is (E-E’). 
The number ot emitted electrons depends on the suifacc area illuminated and the 
intensity of light, 

Metals such as cesium and rubidium are generally used in photoelectric 
devices. 
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2.3. Gas discharge 

Mechanism of conduction of electricity through gases 

At ordinary pressure gases consist mostly of molecules which arc electrically 
neutral. Of these millions of molecules an extremely small fraction exist as positive 
ions and free electrons. Hence gases are ordinarily non-conductors even when high 
voltages are applied. The extiemely small number of electrons and an equal number 
of positive ions present in a gas are moving about in all directions in a random way like 
all the molecules. In this process the electrons collide with the neutral molecules 
frequently. On application of a high voltage across the electrodes the random motion 
is partially changed into a legular movement. The electrons move towards the anode 
and the positive ions towards the cathode. In this process the electrons in particular 
get accelerated (i.e. they aquire higher and higher speeds). This is similar to the 
increase in the speed which a piece of stone gains while falling to the earth due to 
gravity. At high pressures the number of molecules in a given volume is latge and 
the electron has to undergo collisions with a large number of molecules before it 
travels long. At each collision it loses a part of its eneigy to molecules with which it 
collides. But as the pressure is lowered, the number of molecules in a given volume 
diminishes and hence the number of electron-molecule collisions is greately reduced. 
This permits electrons to travel a longer distance before colliding. Hence the electrons 
can get accelerated to a higher energy, 

As the pressure in the discharge tube is further reduced a stage is reached when 
the electrons gain sufficient energy to knock out an electron from a molecule during 
collision as shown below. 


M + e" - >■ M+ + 2c" 

Molecule + Electron - } Positive ion + 2 electrons 

(high energy) 


This process repeats and the number of electrons and positive ions multiplies. 
In this way with the increased number of free electrons and positive ions the gas 
begins to ['conduct, that is, an electric discharge takes place. Because of their higher 
mass positive ions move very slowly compared with the electrons. Therefore in a gas 
discharge the electricity is conducted mainly by the electrons. 

2.4 Electrical conduction In metallic substances 

Different metals and alloys have different electrical conductivities. Metals like 
platinum, silver, copper and aluminium are some of the best conductors. Alloys like 
nichiome are poor conductors and for the same applied voltage they get heated more 
than nickel and chromium. Plastics, mica, rubber and porcelain are non-conductors 
and herice are used as insulating materials, 
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Metals conduct electiicity by the flow of elections. In metals, some valence 
electrons aic relatively free to move. These mobile elections are effective in holding 
the crystal together because wherevei they move, they are simultaneously attracted by 
two or more nuclei. In substances like wax, plastics, rubbei etc the electrons arc 
localised (i.e. they are not free to move) in space between a particular pair of bonded 
atoms. Therefore covalent substances do not normally conduct electricity. 


The behaviour of carbon is a special one. One allotropic form of carbon 
namely f cliamond’ is a non-conductor like most other non-metals. On the other 
hand, its other allotiope 'graphite’ conducts electricity 


In diamond (Fig. 2.8 A) each carbon atom is at the centre of a regular 
tetrahedion. It is linked with four other carbon atoms present at the corners of a 
tetrahedron Each of these carbon atoms would appear to be at the centre of another 
tetrahedion. Thus the structuie is extended in three dimensions and the entire 
diamond crystal is to be considcied as a giant molecule. In this symmetrical structure 
the carbon-carbon bond distance is 1.54 A 0 . 



All the four valence electrons of every carbon atom in diamond are symmetri. 
cally used for forming covalent bonds of the same strength. The electrons are 
strongly localised between adjacent carbon atoms and there are no free electrons to 
conduct electricity. 
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Graphite (Fig. 2.8 B) is a two dimensional laminar network of atoms in which 
only three electrons of a carbon atom are used symmetrically in forming bonds with 
three othei carbon atoms in a plane The planes are arranged one above the other. 
The adjacent planes are held together by van dcr Waals’ forces. The fourth electron 
of each carbon atom is relatively delocalised (bee to move). It accounts for the 
electrical conduction through solid graphite. 

2.5 Electrical conduction in liquids and solutions 

When an ionic solid is fused or dissolved in water, it dissociates into positive and 
negative ions as shown below : 

PbBr 2 (fused) ^ Pb+++2Br- 

Pb (aq) -f-2Ilr(aq) 

Na+ + Cl- 

Na + (nq) + Cn<HI> 

4 * 4 * — 

Ca (aq) + 2 Cl (oql 

+ “ 

Ag (aq) + NOj ( n q) 

In aqueous solution, the ions are hydrated due to the polar nature of the 
solvent (water), 

The ions thus dissociated recombine to a certain extent to foim clusters, which 
in turn dissociate again into ions. The state of equilibrium my be shown by the 
arrows pointing in both directions. 

Water is a very poor conductor of electricity. Yet when an ionic solid dissolves 
in water, the solution conducts readily. This is due to formation of ions in the solution. 
Conduction is determined by the number of ions per unit volume of the solution as 
well as their mobilities, 

When a current is passed through on aqueous solution of an electrolyte different 
reactions takes place at the electrodes and some products are liberated. In general, 
the reactions at the cathode pioduce hydrogen or a metallic element. The anode 
reactions involve liberation of oxygen or any other non-mclallic element or dissolution 
of the anode. In aqueous solutions, the liberation of hydrogen is always accompanied 
by an increase in pH near the cathode and liberation of oxygen by a decrease in pH 
near the anode, 
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It is known that water conducts electricity to a vciy slight extent because 
of the dissociation of water into Ii + and OH' ions. 

H 2 0(1) —* H+(aq) + OH'(aq) 

( One molecule out of about 10 molecules dissociates) 

The presence of traces of impurities also alters the conductivity of water. The 
mechanism of conduction by aqueous solutions of electrolytes becomes more compli¬ 
cated in the case of dilute aqueous solutions due to the participation of H + and OH' 
ions of water. For example, in the electrolysis of a dilute solution of sodium chloride 
we get chlorine gas at the anode and the hydrogen gas at the cathode. 


The anode reaction s 2 Cl'(aq) 


-> 


Cl 2 {g) 


The cathode reaction : 2 H 2 0 + 2 e" — 


+ 2 e" 

H 2 (g) + 20H- (aq) 


2.6 Relation between quantity of electricity and the amount of material 
deposited 

The chemical change brought about in clectiolysis by the transfer of electric 
chatge though ions is successfully interpreted in terms of the atomic theory. In fact 
the stoichiometric relations observed in electrolysis have provided chemical evidence 
to the atomic theory and the proof for the existence of the electron When Michael 
Faraday first performed his experiments on the electrolysis in the early nineteenth 
century, the atomic theory had already been proposed, but the existence of the 
electron was not known There was no reason to suspect that electricity consisted o 
discrete particles. Faraday observed that the quantity of electricity required to 
deposit a given weight of an element from solutions of its different compounds was 
always equal to a constant, or some simple multiple of this constant (Faraday s first law 
of electrolysis). Restated in terms of the atomic theory, it means that the numb 
m,m of on element deposed by »fixed quantity of electricity » con.tnnt or a. ample 
multiple of this constant. This suggests that there are quanta and packets at 
electricity which are transfetred during electrolysis; one, two or three per ato 
deposited, but never a fraction of this quantum of electricity which was later identified 

as the charge on the electron. 

Faiaday’s second law of electrolysis is based on tlie observation that theratioof 
the number of moles of different elements deposited by the same amount o e y 

Is a We whole number. This result shows that a certain amount of electricity wfi 
deposit a fixed number of atoms, or some simple multiples of this number whatev r 
element is Both of these observations by Faraday lead us to conclude tha the 
e “f a; clement can carry only an integralmultiple of *J**^££ 
city. The fixed quantity of electricity is the same as the charge of an 

present in any atom. 
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Quiz 


Each question given below is followed by difi'eicnl answers. Only one of them is 
correct. Select the coirec t answer and indicate in the brackets provided. 

1. The phenomenon of emission of electrons fiom lithium when light of 

suitable eneigy falls on it is called ( ) 

(a) gas discharge 

(b) photoelectric emission 

(c) thermionic emission 

(d) electrolytic conduction. 

2. The phenomenon of releasing negatively charged 

particles from a hot cathode is known as ( j 

(a) electronic conduction 

(b) thermionic emission 

(c) electrolytic conduction 

(d) photoelectric emission. 

3. Passage of electricity tinough metals by the flow of 

electrons is known as ^ ^ 

(a) thermionic emission 

(b) gas discharge 

(c) electronic conduction 

(d) electiolytic conduction. 

4. An example oi a non electrolyte is ^ ^ 

(a) sodium chloride 

(b) lead bromide 

(c) benzene 

(d) copper (II) chloride. 

5. During electrolysis the quantity of electricity required 

to deposit one mole of silver is ^ ^ 

(a) onefaraday (b) two faradays 

(c) three faradays (d) f our faradays . 
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6. The number of moles of copper (II) deposited by two 
faradays of electricity is 


fa) 


one mole 
three moles 


(b) two moles 
(cl) four moles. 


7. The quantity of electricity to deposit 108 g of stiver 
is 90.500 coulombs. The quantity of electrrcity 
required to deposit 111 5 g of silver is 


(,r) 48250 r oulombs 
(Vf 12002.5 coulombs 


(b) 24125 coulombs 
(d) 6031.25 coulombs. 


90,500 r oulombs of electricity would deposit 207 g 
ol a metal. The number of giants of the metal that 
would be deposited by 12062.5 coulombs of 
(dec li icily is 


(a) 103.5 g 

(0 20.25 g 


(b) 57.75 g 
(d) 12.9375 g. 


9. Dm ing the elec trolysis of molten sodium chloride 
two faradays of electricity produced 22.4 litres of 
t lilminc. The volume of chlorine liberated by passing 
(1 5 faradays ol electricity is 


II. 


(a) 0.7 litres 
(e) 2 8 litres 


(b) 1.4 litres 
(cl) 5.6 litres. 
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During the electrolysis ol molten sodium chloride 
two laiatluys of electricity produced 71.0 g of chlorine. 
The weight of chlorine produced by passing 
0.5 faradays of electricity is 

(a) 4.4 g (b) 9.0 g 

(c) 20.25 g (d) 17.75 g. 

During the electrolysis of molten aluminium chloride 
three faradays of electricity produced 27 g of 
aluminium. The number of grams ol aluminium 
that would be deposited by 0.5 faradays of 
electricity is 


(a) 13.5 g 

(c) 4.5 g 


(b) 9.0 g 

(d) 2.25 g. 
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12. Electrical conduction in metals is thought to he ( ) 

(a) the same as that in solid electrolyte 

(b) the same as that m molten electrolyte 

(c) dependent on the movement of ions 

(d) dependent on the movement of valence electrons. 

13. Write equations for the reactions that take place when molten tin (II) 
chloride is electrolysed. 

14. Molten sodium chloride is electrolysed and 0.115 g of sodium is deposited 
at the cathode. How many grams of chloiine will be formed at the 
anode 7 How many coulombs of electric charge is passed through the 
solution? Write the anode and cathode reactions. 

15. Some concentiated sodium chloride solution is electrolysed using a current 
of 0.50 amperes. How much chlorine will be obtained when the current 
has been flowing for one hour ? 

16. What weight of silver would be deposited by a cuirent of' 15 amperes flowing 
through silver nitrate solution for one hour ? 

17. How many coulombs of electricity are required to deposit 100 g 0 [ copper 
from copper (II) sulphate solution 7 

18. What mass of chlorine is produced by passing a cunent of 0,25 amperes 
for 6 hours through an aqueous solution of sodium chloride '> 

19. What weights of sodium and chlorine will be formed when 10,000 coulombs 
of electricity is passed through molten sodium chloride '? 

20. A current or 0.25 amp, is passed through an aqueous solution of sodium 
chloride for 3 hours. Calculate the volume of chlorine (at S.T.P.) pro¬ 
duced. The experiment is conducted at 27°C and a pressure ofl 
atmosphere. 
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Structure of Atom 


INSTRUCTION MATERIAL 


Introduction 

In llie preceding chapter we learnt that electrons are common constituents of 
all atoms, In this chapter we will study some other subatomic particles and their 
arrangement in an atom. Thr model of the atom developed here will be used sub¬ 
sequently to interpret the chemical behaviour of atoms 

Outline 


1, 

The positive ions (Positive rays) 

(3.1) 

2, 

Radioactivity 

(3.2) 

3. 

The atomic nucleus 

(3.3) 

4. 

Atomic number 

(3.4) 

5. 

The neutron 

(3.5) 

6. 

Isotopes 

(3.6) 

7. 

Arrangement of electrons around the nucleus 

(3.7) 


Concepts 

1, Atom is not the ultimate particle of matter buL it composed of smaller 
particles like electrons, protons and neutrons, 

2, Radioactivity is the spontaneous emission of a or /3 and 7 rays by 
atoms of some elements. 

3, The atomic nucleus is a small region in an atom in which nearly the whole 
mass and all the positive charges of the atom are situated, 

4, Electrons are arranged in different shells surrounding the nucleus. 



5, Atomic number gives the number of protons and also the numbu ol elec¬ 
trons present in an atom. 

6, The atomic number characterises the chemical identity oi an element 

7, Isotopes are atoms of the same element having the same atomic number but 
different mass numbers. 


SCHEDULE 


Lesson 

Experiment 

Postlab 

Demonstration 

Text tovcit'd 

1 

— 

_ 

— 

3.1, 3.2 

2 
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4 

— 
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— 

3.3, 3.4 

— 

— 

— 

vJ , J J v7 , U 

3.7 

5 

— 

— 

— 

Review and quia 


Development 

3.1 The positive ions (Positive rays) 

Recall the discussion on cathode rays (Chapter 2) to establish that electrons are 
present in all atoms. Indicate the possibility of atom having positively charged 
particles as a logical consequence of electrical neutrality of atoms, 

Describe Goldstein’s experiment which revealed the existence of positively charged 
particles m the discharge tube. Introduce the idea of proton which is the smallest 
positively charged particle obtained when hydiogen gas is used in the discharge tube. 
It stands for unit positive charge and has a mass nearly equal to the mass of a 
hydrogen atom, which is 1837 times that of an electron. Emphasise that positively 
charged particles obtained when other gases are used in the discharge tube are not 
protons, 

3.2 Radioactivity 

Further evidence lor the existence of electiically charged particles, positive as 
well as negative, in an atom can be provided through the study of radioactivity. The 
discussion should be brief since it is not intended here to give a detailed information 
about radioactivity. Point out that certain atoms spontaneously emit ladialions oi 
different types. Some of them contain positively charged a - particles (helium nuclei) 
and some of them, negatively charged P-particles (electrons) and these a and P particles 
are accompanied by high energy, short wave length 7 - radiations. Point out that this 
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phenomenon is shown generally by elements such as radium, uranium, thorium. This 
indicates that the nuclei of the atoms of these elements are unstable. 


3.3 The atomic nucleus 

Discuss then how these diferent subatomic particles-electrons, protons and 
neutrons are arranged in an atom. Present Thomson’s model in brief (see back' 
ground information, pagc4>l). Describe the experiment of Rutherfoid and point out 
how Thomson’s model is untenable. Describe how Rutherford logically deduced the 
concept of nucleus, The nucleus consists of protons and neutrons The relative sizes 
of the atom and the nucleus may be indicated with suitable analogies like a mosquito 
at the ceutie of a big auditorium. The former represents the nucleus and the latter 
the atom. Emphasise that the space in the atom is mostly empty and that the electrons 
are distributed in this empty space. 


3.4 Atomic number 

Having discussed that the mass of the atom is concentrated in the nucleus, it is 
now necessary to show how many protons there are in the nucleus. Point out Moseley’s 
work on X-iays of elements which showed that atomic nuclei contain awholenumber of 
protons, which is equal to an ordinal number known as Atomic Number, which 
represents the position of the element in the periodic table. Draw the attention of the 
students to the atomic numbers of a few elements making use of the periodic table. 
The atomic number is also the same as the number of electrons in a neutral atom. 


3.5 The neutron 

With the help of atomic number lead the students to guess how many protons 
(here should be in a helium atom. If the mass number of a proton (which is nothing 
but a hydiogen atom which has lost the electron) is one atomic mass unit, let the students 
-guess that the mass number of helium atom is two. Point out to them the actual mass 
number of helium. Make the students speculate what the extra mass is due to. It 
may be clue to some other particles present in the nucleus which possess large mass and 
no charge. If they were to bear charge, the electrical neutrality of the atom would be 
disturbed. Point out that the existence of such particles in an atoms was first predicted 
by Rutherford in 1920 and later discovered by Chadwick (in 1912) who called them 
neutrons. The mass of a neutron is practially the same as that of a proton. Since 
electrons have a negligibly small mass, the mass of atom is practially due to the protons 
and neutrons. The mass of a nucleus is generally represented by mass number (A). It 
gives the total number of neutrons and protons, The atomic number (Z), on the other 
hand, gives the number of protons. The number of neutrons in the nucleus, therefore, 
would be the difference between the mass number (A) and atomic number (Z). 

Providing the data of mass and atomic numbers of a few atoms, the students 
may be asked to find out how many protons and neutrons are present tn them. 
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3.6 Isotopes 

Explain the term isotope with the help of examples given in the Table 3.3 of the 
text Emphasise that due to the existence of isotopes the atomic masses of elements are 
not simply the arilhmitic means of the masses of different isotopes but they aie their 
weighted means. The idea of a weighted mean is made clear in the following pioblcm 
which may be woiked out in the class 


Problem 

Natuial chlorine consists of 75.1% of cblorine-35 and 24.6% oi chlorine-37 
atoms. What is the atomic mass of natural chlorine ? 1 mole of natural chlorine 
contains 0.754 mole of chlorine-35 and 0.246 mole of chloiine-37 atoms, 

Weight of 0.754 mole of chlorine-35 atoms 
35 g 

= 0.754 mole X- 

mole 


= 26.4 g 

Weight of 0,246 mole of chlorinc-37 atoms. 

37 g 

= 0.246 mole X- 

mole 

= 9,10 g 

Weight of 1 mole of natural chlorine atoms = (26.4 -f 9.1) g 

= 35.5 g 

Therefore, atomic mass of natural chlorine is 35,5 


Make the students realise that the fractional atomic mass of any element is due 
the existence of isotopes. 


It is also necessary to bring oul dearly the difference between the mass number 
and atomic mass. While the former refers to the number of protons plus neutrons in 
anatom, the latter refers to the weighted average mass of isotopes of an clement as 
they occur in nature. For example, the mass numbers of isotopes of chlorine 
n CP 5 and 17 C1 37 are 35 and 37. The atomic mass of chlorine on the other hand is the 
weighted mean ol these isotopes, taking into consideiation the abundance of these 
isotopes in chlorine gas (see problem). The atomic mass of chlorine is 35.5. 
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3,7 Arrangement of electrons around the nucleus 


So lar (he arrangement of protons and neutrons has been discussed, The 
students may be asked to guess where the electrons in an atom might be situated. 
Present the Bohr’s model ol the atom in which the electrons move in shells around the 
nucleus. Emphasise that only certain shells are possible. The term principal quantum 
number (n) is introduced only with reference to the number of shells starting from the 
nucleus. It has however much greater significance which may not be discussed. 
The energy aspects of the shells may be avoided at present. The maximum 
number of electrons that can be accommodated in each shell may be given as 2n 2 . 
Emphasise that this is only an empirical rule. As there is nothing that contradicts 
it, it is accepted as a fact. 

Make the students write the electronic configurations of a lew atoms providing 
them with the atomic numbers. 


Table 3,1 Some common isotopes 




Atomic 


Neut- 

Mass 

% age 

Atomic 

Element 

Isotope 

number 

Protons 

rons 

No. 

abun¬ 

dance 

mass or 
weight 

Hydrogen 

Hydrogen-1 

Hydrogen-2 

Hydrogen-3 

1 

1 

I 

1 

1 

1 

0 

1 

2 

1 

2 

3 

99.984 

0.016 

Trace 

1.008 

Litnium 

Lithium-6 

3 

3 

3 

6 

7.4 

92.6 

6.939 

Lithium-7 

3 

3 

4 

7 


Boron 

Boron-10 
Boron-11 

5 

5 

5 

5 

5 

6 

10 

11 

18.83 

81.17 

10.811 

Carbon 

Carbon-12 

6 

6 

6 

12 

98.89 

1.11 

Trace 

12,011 

Carbon-13 

Carbon-14 

6 

6 

6 

6 

7 

8 

13 

14 


Nitrogen 

Nitrogen-14 

Nitrogen-15 

7 

7 

7 

7 

7 

8 

15 

14 

99.64 

0.36 

14.001 

Oxygen 

Oxygen-16 
Oxygen-17 
Oxygen-18 

8 

8 

8 

8 

8 

8 

8 

9 

10 

16 

17 

18 

99.76 

0.04 

0.20 

15.999 

Chlorine 

Chlorine-35 

Chlorine-37 

17 

17 

17 

17 

18 

20 

35 

37 

75.53 

24.47 

35.453 

Uranium 

Uranium-235 

Uranium-238 

92 

92 

92 

92 

143 

146 

235 

238 

0.72 

99.28 

238.303 
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BACKGROUND INFORMATION 

Introduction 

Complexity of the atom 

Atomic concept of matter is one of chemistry’s major contributions to man’s 
understanding of the behaviour of matter. The first crude ideas about particle nature 
of; matter came from Greek philosophers 2000 years ago, However, it was only in the 
beginning of the 19th century that a more meaningful and specific atomic concept was 
proposed by John Dalton, This marked the birth of the idea oi an indivisible atom with 
a definite mass. Dalton’s atomic theory could explain the laws ol chemical combina¬ 
tion. Because of such remai liable successes the validity of the theory was never doubted 
and at no time in the 19th century did the chemists appear concerned about the indivisi¬ 
bility of the atom. Even the most eminent chemists of those Limes could nol imagine 
that these tiny atoms could have a complex structure. However, towards and after 
the turn of the 19th century considerable evidence was available to indicate that 
atoms are noL the simple indivisible particles as Dalton thought, but are much more 
complex in their structure 

Faraday’s experiments on electrolysis 

In 1832-1833 Faraday’s studies on electrolysis convincingly demonstrated the 
electrical nature of matter and the equivalence between chemical transformations 
and the quantity of electricity, The term ‘electron’ was first applied by Johnston 
Stoney in 1874 to the unit of electrical charge which he thought was associated with 
atoms. 

3.1 The positive ions (Positive rays) 

The study of electric discharge through gases at low pressures led to the 
discovery of cathode rays (Teachers’ Guide, Chapter 2) towards the end or the 18th 
century. Systematic studies on cathode rays by J. J. Thomson revealed that these rays 
are a stream of negatively charged particles which were later given the name electrons. 
Theii production is independent of the nature of the cathode or of the gas filling the 
discharge tube. They are also obtained when metal filaments are heated (thermionic 
emission) or when metals like sodium, potassium and cesium are exposed to light 
(photoelectric effect). This led to the recognition of electron being a constituent 
of all kinds of matter. Millikan (1909) determined the charge carried by an electron, 
It was shown to be 16 x 10" 19 coulombs. The electron was shown to have a 
negligible mass, about 1/1837 of the mass of a hydiogen atom. 

The discovery of the electron as a subatomic particle points out the possible 
existence of positively charged particles because the atom is electrically neutral. 
Goldstein discovered positive rays in a cathode ray tube experiment, It was observed 
that the nature of positive rays depended on the nature of the gas taken in the tube. 
The lightest positive particle detected had a mass which was the same as that of the 
hydrogen atom, the lightest atom known and a charge equal to and opposite in sign to 
that of the electron. This particle was called 'proton and was considered to be the 
positive subatomic particle. 


42 



3.2 Radioactivity 

Further evidence, that atoms consist of electrically charged panicles comes from 
the phenomenon of radioactivity. Towards the cnc! of the 19th century, a French 
physicist, Becquercl was studying the fluoicsccncc of uranium minerals (emission of 
light of various eoloins when exposed to sunlight, cathode rays or even X-rays). He 
placed a piece of uranium mineral (pitchblende, U 3 0 8 ) on a box containing photo¬ 
graphic plate and left it in sunlight for a few hours. On developing the plate, he 
found it to be fogged, just as expected. Fie thought that sunlight caused the mineral 
to give off rays which could penetrate the cardboard box. Once, while waiting for 
sunshine he placed a piece of mineral on a box of photogiaphic plate and put it aside 
in a desk diawer. These photographic plates were also found fogged. This was 
unexpected since the plate was stored m darkness. He thus made the accidental 
discovery that uraninm minerals emit some radiation all the time; they do not need 
sunlighL or X-iays lor activation. He used the woid ladioactwe for the substances 
which emit radiations ol their own accord. The phenomenon was termed ladioactivity. 
The utanium mineral was suspected to contain at least one other radioactive substance 
in it, for after the extraction oi uranium the mineral residues showed radioactivity. 
Mane Curie and her husband Picirc Cutic in their celebrated experiment lasting four 
years (1898-1902) separated a new metal polonium and yet another radioactive element 
radium which was two million times more active than uranium, Several other radio¬ 
active substances have been discovered since then. 


Further study of radioactivity 
has shown that this property is 
independent of the state of chemical 
combination of the element and that 
the radiation emitted by a radioac¬ 
tive substance consists of three kinds of 
iays. Rutherford showed that when 
a strong electric field is applied 
perpendicular to the direction of these 
radiations some were found to be 
deflected towards the negative plate 
and some towards the positive plate 
and some others did not suffer any 
deflection. The rays deflected towards 
the negative plate were called o-rays. 
The magnitude of deflection was small 
in this case (Fig.. 3 1) 


Radioactive material 

Fig , 3.1 Deflections of 0 and y rays in an electric field 
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These were found to consist of positively charged parlicles, each particle having a mass 
of 4 amu. These particles were shown to be helium nuclei The rays deflected 
towards the positive plate were given the name /3-rays. The magnitude of deflection 
was quite large. These rays were found to consist of light negatively charged particles. 
These were shown to be electrons. The undeflected rays arc called 7-rays. These are 
similar to light rays but are of much shorter wave length (shot ter than even the 
X-rays). Hence they are extremely energetic and highly penetrating. The ti-rays 
because of their heavy mass cannot penetrate through maLtcr of laigc thickness, whereas 
/3-rays with small mass have greater penetrating ability. The relative penetrating 
ability of a, 3 and Y-rays is schematically shown in Fig. 3.2, 

a-rays are stopped by a thin A1 foil, ft particles ate stopped by an aluminium 
sheet of 1 cm thick. Y-rays can be stopped only by a sheet of lead thicker than 5 cm 
(Fig 3.2). 



Fig. 3.2 Penetrating power of a , ]3 and y rays 


Thus experiments on electrolysis revealed a relation between the quantity of 
electricity and the amount of material deposited. Discovery of radioactivity demon¬ 
strated the complexity of atoms. The discharge tube experiments indicated the 
presence of protons and electrons. Attempts were then made to understand how these 
different particles were arranged in the atom, in other words, the internal structure of 
the atom. 



3.3 The atomic nucleus 


J. J, Thomson proposed that electrons and 
patrons in the atom are distributed uniformly as 
shown in Fig. 3.3. 


Fig. 3.3 Thomson’s model of the atom 
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In 1911 Rutherford performed a unique experiment, He allowed a narrow 
beam of a-particles fiom a radioactive substance to strike a vety thin foil (about 
0.00004 cm thick) of gold (big. 3.4) and placed a screen coated with zinc sulphide at 
different angles around the gold foil to see how the e.particle were scattered as the 
passed through the foil. The o-particles are detected by the flash of light produced when 
they hit the flourcscent screen. If protons weie arranged uniformly in an atom, as 
was pioposed by Thomson, almost almost all the tt-parlicle should be deflected. 
Surprisingly Rutherford observed that a large number of the n-parlicles went through 
the foil without suffering any deflection: however, some were deflected from their path 
by a certain small angle and about one in 20000 ct-particles was deflected through 
angles of 90° or greater. 


lie made the following inferences from his observations. (1) Atom consist of 
large empty space since most of the rt-parlicles went through the foil undeflected. 
(2) The fl-particles which were strongly deflected must have approached a point 
which is highly concentrated with positive charge and got strongly repelled. Since 
very few partcles suffered deflection through angles greater than 90°, the volume 
occupied by the positive charges must be quite small as compared to the total volume 
of the atom. 

On the basis of these inferences, Rutherford proposed the Nuclear model of the 
atom He suggested that the atom is mostly empty space in which electrons are 
located and that all the positive charges as well as most of the mass of the atom are 
concetrated in a very tiny portion within the atom which he called the Nucleus. 
It was estimated that the diameter of the nucleus is of the order of 0.0000000000001 cm 
or 1.0 X 10' 13 cm. 



The diameter of single atom is determined to be of the order of 0.00000001 era 
Of 1 X 10" 8 cm. 
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From this il is evident that the nucleus is 10 5 times smaller than the atom- 
This minuteness is difficult to imagine. An analogy might help. If the atom had a 
diameter of 1 Km, its nucleus would have a diameter of the order of only 1 cm. 
Or if the atom were the size of an average house, the nucleus would correspond to just 
a minute pinhead in its centre. It spite of its very small volume it contains most of 
the mass of the atom. Elections which suriound the nucleus furnish very litLle of the 
atomic mass. 

3.4 Atomic number 

In 1913 Moseley studied the X-ray spectra of elements from aluminium to gold 
in the periodic table X-rays arc produced when a beam of fast moving electrons 
(cathode rays) strike a metal A discharge tube was used for this purpose making the 
metal the anticathode and the X-ray spectrum was obtained, A typical X-ray tube 
is shown in Fig. 3.5. Moseley observed a regularity in the wave length of the emitted 


X-rays 



Fig. 3-5 X-ray tube 


X-rays. There was a constant increment in the square root of the frequency (s') of the 
individual X-radiation emitted as we pass from one element to the other in the 
increasing order of atomic number. The idea of atomic number had been suggested 
much earlier to indicate the ordinal number of the clement in the periodic table. 
Moseley suggested that the squaie root of the frequency of characteristic X-radiation of 
an element is directly proportional to the atomic number of the element. V = (Z-b) 2 . 
number (Z) of an element is equal to the number of protons in the nucleus of the 
atom of the element. It is also equal to the number of electrons outside the nucleus 
of a neutral atom. Since 1 lie physical and chemical properties of an element are 
determined by the number of electrons in its atom, the atomic number is a 
characteristic property of the element. 

3,7 Arrangement of electrons around the nucleus 

According to Rutherford’s nuclear model, the atom consists of protons and 
neutrons packed into a very small, compact nucleus which is surrounded by electrons 
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occupying a relatively much larger space, Since electrons in an atom determine its 
chemical behaviour, the arrangement of these electrons is ol‘ primary importance. 
Niels Bohr and others postulated that the electrons were in rapid motion in circular 
orbits around the nucleus. Because of their rapid motion, the electrons of the atoms 
possess some energy, the kinetic energy. They also possess potential energy due to 
attraction by the nucleus and the lepulsiou ol other electrons, These two types of 
energies together determine the eneigy of any election in an atom. Do all electrons 
in an atom have the same energy 1 In other words, do all the electrons in an atom 
occupy the same region around the nucleus ? 

Bohr pioposcd that the electron ol' hydrogen can exist only in certain 
orbits or shells around the nucleus. The energy of an electron is assumed to be 
unaltered as long as it slays in a particular oibit or shell. He called such shells the 
stationary shells or energy shells or energy levels. The stationary shells or energy levels 
are numbered 1,2,3 etc. starting from the nucleus. The numbers are called the principal 
quantum numbeis (n).The shells arc also designated as K,L,M, etc shells- With increasing 
distance from the nucleus the radius of the shell increases and the energy of electrons in 
shell increases. IL was shown (hat the energy oT an electron in a given shell of hydrogen 
that atom can be represented by 

313.6 

E = — —-- kcals/mole 

n n 2 

where En is the energy of the eleetton in tbe n 11 ' shell and n the shell number. 

The maximum number of electrons that can occupy any shell is given by 2n J , 
where n is the principal quantum number of the shell in question (Table 3.4 of Text). 
The K shell (principal quantum no. 1) can accommodate two electrons, the L shell 
(principal quantum no. 2) can accommodate 8 whereas the M and N shells 


accommodate 18 and 32 electrons respectively. 

Shell Principal quantum No. 

No. of electrons 

K 

1 

2 

L 

2 

8 

M 

3 

18 

N 

4 

32 


The electrons, as far as possible, tend to go to (he lowest energy shell available. 
When this is filled completely the electrons go to the next higher energy level till 
Uiat is completely filled. Of the six electrons of carbon (Z - 6) two would occupy 
the K shell and four would go to the L shell. 

K L 

C 2 4 

V 



This rule works for elements up to argon (Z == 18). However, it fails in 
the case of heavier elements and hence it should be modified For example, potassium 
(Z = 19) which should have the electron configuration 

K L M N 

K : 2 8 9 - 

has actually the configuration 
K : 2 8 8 1 


How can this be explained ? 



Fig. 3.6 The energy level sequence of atoms (except hydrogen atom) 
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Spectroscopic investigations indicated that each shell (or level) contains 
subshells (or sublevels). The number of sublevels m a mam energy level is equal to 
its principal quantum number, n. The level (n = 1) has one sublevel, called s; 
level 2 has two sublevels called 2s and 2p, and level 3 has three sublevels; 3s, 3p 
and 3d. Sublevels belonging to the same main level have the same nergy in the. 
case of the hydrogen atom. But this is not so in the case of atoms of other elements 
For example, in main level 2, the 2p sublevel lias a slightly higher energy than 2s. 
In the main level 3, the 3d level has a higher energy than the 3p level, which in 
turn has higher energy than the 3s level. The eneigy sequence of the sublevels of main 
level 3 is thus 3d > 3p > 3s. A schematic energy level sequence is shown in Fig 3,6. 
It is of interest to note that the 3d level is higher in energy than the Is level; the 
electrons would enter the 4s level before entering the 3d level. After the completion 
of the 4s level the 3d level starts filling. 
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Quiz 

Each question is followed by four answers. One of them is correct. Indicate 
the correct answer in the bracket provided. 

], The mass of positive particles formed in a discharge 

tube ( ) 

(a) depends on the nature of the gas 

(b) does not depend on the nature of the gas 

(c) depends on the nature of the electrode used 

(d) depends on the potential used. 

2. A positively charged parLicle having unit atomic 
mass is formed in a discharge when the gas 

used is ( ) 

(a) helium (b) oxygen 

(c) nitrogen (d) hydrogen. 

3. A substance capable of emitting invisible lays which 
affect a photographic plate (even when wrapped 

in a black paper) is ( ) 

(a) sodium salt (b) potassium salt 

(c) thorium salt (d) magnesium salt. 

4. An example of a radioactive element is ( ) 

(a) aluminium (b) calcium 

(c) iodine (d) polonium. 

5. From Rutherford’s experiment on the scattering of 

tf-rays we conclude that ( ) 

(a) the mass and charge is uniformly distributed 
throughout the atom 

(b) the mass alone is concentrated in a small region 
in the atom 

(c) the mass and positive charge are concentrated 
in a small region in the atom 

(d) positive charge alone is concentrated in a small 
region in the atom. 
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6. Radioactive elements disintegrate 

(a) when exposed to radiation 

(b) when heated 

(c) spontaneously 

(d) when subjected to a magnetic field, 

7. tt-rays are 

(a) positively charged (b) negatively charged 

(c) neutral (d) singly charged helium ions. 

8. The atomic number of an element is equal to the 

(a) protons in the nucleus 

(b) neutrons in the nucleus 

(c) sum of protons and neutrons in the nucleus 

(d) difference between the protons and neutrons 
in the nucleus. 

9. The atomic number of sodium is 11 and its mass 
number is 23. Hence the number of neutrons in 
its nucleus is 

(a) 12 (b) 11 

(c) 23 (d) 13. 

10. Oxygen has an atomic number 8 and a mass number 
16. The number of neutrons present in the nucleus 
of an oxygen atom is 

(a) 4 (b) 2 

(c) 6 (d) 8. 

11. The mass number ef an dement is 

(a) the number of protons present in it 

(b) the number of neutrons present in it 

(c) the sum of the number of protons and neutrons 
present in it 

(d) equal to the atomic number. 



( 


12. The atomic nucleus consists of 

(a) protons and electrons (b) protons only 

(c) protons and neutrons (d) electrons and neutrons. 


13. A particle having two positive charges and a mass 
number 4 is called 

(a) proton (b) helium atom 

(c) tt-particle (cl) )3-particle. 

14. /3-rays are a stream of 

(a) helium nuclei 

(b) electrons 

(c) neutrons 

(d) protons. 

15. The particle obtained when a hydrogen atom loses an 
electron is 

(a) neutron (b) proton 

(c) ct-particle (d) /3-particle. 


( 


( 


( 


16. The atom is larger than the nucleus by 

(a) 100 times (b) 1,000 times 

(c) 10,000 times (d) 100,000 times. 

17. Isotopes of an element have ( 

(a) different atomic numbers but the same mass 
number 

(b) different mass numbers and different atomic 
numbers 

(c) different mass numbers but the same atomic 
number 

(d) same mass number and same atomic number, 

18. The maximum number of electrons in the L shell of 

an atom is 

(b) 8 

(d) 32. 


) 


) 


) 


) 


) 


(a) 2 

(c) 16 
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19. The maximum electron population of the M shell 

of an atom is ( ^ 

(a) 3 (b) 6 

(c) 9 (c) 18. 

20. The atomic number of chlorine is 17 and the mass 
number of one of its isotopes is 35, The nucleus of 

this isotope consists of ( \ 

(a) 17 protons and 18 neutrons 

(b) 18 protons and 17 neutrons 

(c) 35 protons and no neutrons 

(d) no protons and 35 neutrons. 
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How Atoms Combine 


INSTRUCTION MATERIAL 


Introduction 

As we know, there are about 104 elements which constitute all matter 
It is known that the atoms of elements combine in different characteristic ways to form 
a variety of chemical compounds, each having specific properties. In this chapter we 
shall study the different ways in which atoms combine to form molecules. 

Outline 


1. Combination between atoms (4.1) 

2. Ionic bond ( 4 , 2 ) 

3. Covalent bond (4,3) 

4. Polarity of a covalent bond (4.4) 

Concepts 


1. Atoms of elements during combination tend to acquire the stable electronic 
configuration of the noble gas atoms - either by losing or gaining or 
sharing some of their electrons, 

2. Transfer of electrons from one atom to another leads to the formation of an 
ionic bond. 



3, Shaiing of electrons between atoms results in the formation of a 
covalent bond. 

4. Unequal sharing of electrons by the atoms results in polar character of 
the covalent bond. 


SCHEDULE 


Lesson 

Experiment 

Postlab 

Demonstration 

Text covered 

1 

— 

— 


4.1 

2 

— 

— 


4.2 

3 

— 


— 

4.3 

4 

— 

— 

— 

4.4 

5 

— 

— 

— 

Review and quiz 


Development 

4.1 Combination between atoms 

Recapitulate the important ideas of the previous chapter, particularly, the 
distribution of electrons in diffcient shells. Write down the electronic configura¬ 
tions of the atoms of noble gases, alkali metals and halogens. Recall that atoms of 
noble gases are known to be remarkably stable and show little tendency to combine 
with other elements. Atoms of alkali metals and halogens, on the other hand, are 
extremely reactive. They have incomplete outermost shells. Mention that atoms of 
alkali metals and halogens enter into chemical reactions in an attempt to acquire 
stable configuration of the noble gas type. 

4.2 Ionic bond 

Ask the students to write down the electronic configurations of sodium and 
chlorine atoms, Tell them that the electrons in the outermost shell are the ones 
which take part in chemical reactions and are called the valence electrons. For 
simplicity in writting the chemical reactions it is useful to represent the nucleus and 
inner electrons of the atom by the symbol of the atom and to show only the outermost 
electrons by dots. Elicit from the students as to how the atom in question can acquire 
stable configuration of a noble gas. Discuss the formation of NaCl, MgO, MgCl 2 
and MgS. Emphasise that ions formed are held together by electrostatic forces that 
are quite strong, 
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Mention some oj the properties of ionic compounds at this stage. Ionic 
compounds are fairly hard and buttle. They are soluble in water and insoluble in 
organic solvents. Their melting and boiling points are high. They conduct electric 
current when they are in a fused state or in aqueous solution. 

4.3 Covalent bond 

Mention that another way of attaining the stable configuration of the noble gas 
type is by mutual sharing of electrons. Discuss the formation of molecules of hydrogen, 
chlorine, hydiogen chloride and water. Mention some of the properties of covalent 
compounds at this stage. 

Covalent compounds are relatively soft. They have low melting and boiling 
points, They are not very soluble in water, but are usually soluble in organic solvents 
like carbon tetrachloride, alcohol etc. They are poor conductors of electricity. 

4.4 Polarity of a covalent bond 

Discuss how unequal sharing of electrons leads to polarity of a covalent bond 
with examples of hydrogen chloride and water. Emphasise that unequal sharing of 
electrons arises due to the difference in the electron attracting ability of the atoms. 
Introduce the idea of polar and non polar molecules with suitable examples. 
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BACKGROUND INFORMATION 


Why do atoms combine ? 

The development of modern theory of atomic structure has considerably 
revolutionised our concepts about chemical bonding Before discussing the modern 
concepts of chemical bonding let us first understand some guiding principles of general 
applicability which will be ft nnd list fill in deciding the stability of a chemical bond. 

(1) Systems tend to decrease their dnergy 

It is well known that objects tend to attain a state of minimum energy. For 
instance, a red hot iron bar will radiate, its energy to the surroundings and will thus 
cool down An object Icl loose from a height will fall to the earth, thus losing its 
potential energy. It is fot the same reason that water flows down hill. That in all 
these cases energy has been lost is evident from the fact that to reverse these changes 
work has to be done i.e. energy has to be supplied. Thus, we realise an important 
principle that all systems tend to decrease their energy as and when tliere is a chance 
for them to do so. 

(2) Attractive interaction leads to decrease of potential energy while 

repulsive interaction leads to an increase 

We know that the opposite poles of two magnets can approach each other due 
to the attractive interaction between them (Fig, 4.1). No work need be done in 
bringing the opposite poles of a magnet neai each other. However, energy is required to 
pull these poles apart. Thus we find that when two objects attract each other work 
has to be done to separate them. This means that as a result of attraction, the object 
has lost some energy which had to be supplied to separateJhem. We, therefore 
realise that attractive interaction leads to a decrease of energy of the system. 


Aur.ic.timi 

niriijnut'i 



Energy 



Far apart 



Fig, 4 1 Energy spent in separating the poles of two magnets 
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On the other hand, if we wish to bring north poles of two magnets near each 
other, work has to be done to overcome the force of repulsion between them. This 
means that the system in which the two norih poles are brought together has more 
energy. In other words, repulsive interaction leads to an increase of energy. 

We thus formulate an important principle that attractive interaction leads to a 
decrease of energy and repulsive interaction leads to an increase of energy of the 
system. 

The electron-nucleus system 

On the basis of the above analogy it can be inferred that when an electron 
approaches the nucleus (thereby increasing the atti active interaction), energy is 
released. Hence the total energy of the atom decreases (Fig. 4.2), Conversely to 
move the electron away from the nucleus, energy has to be supplied. Hence the total 
energy of the atom increases. 

a 

Energy 

increases 


• ELECTRON 

, Energy 
decreases 


© NUCLEUS 

Fig. 4.2 Energy changes during the interaction between electron and nucleus 

Stability of a chemical bond 

Let us consider the case of a molecule of hydrogen formed by the combination of 
two atoms of hydrogen. It is known that energy is released when two atoms combine 
to form a molecule (Fig. 4.3). In other words a molecule of hydrogen lias lower 

0 + ©-► 

HYDROGEM HYDROGEN HYDROGEN ENERGY 

ATOM ATOM MOLECULE 

1 2 

Fig. 4.3 Formation of a molecule of hydrogen 
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energy than the separate atoms. What causes this energy lowering? Energy changes 
take place when charged particles in the atom interact Let us see what happens when 
two hydrogen atoms approach each other. Each hydrogen atom has a nucleus which 
is positively charged and an electron moving around it. In an isolated atom the 
electron is under the influence of its own nucleus. But as the two atoms (atoms 1 and 2) 
come closer, the electron of atom 1 will be attracted to the nucleus of atom 2 and vice 
versa, Both electrons spend a great deal of their time in the region between the two 
nudes. In this legion each electron is attracted to both the nuclei The atoms are 
therefore drawn closer and energy is released Consequently the potential energy is 
decreased, Such an arrangement is energitically more stable than two separated atoms. 
At a particular distance between the two nuclei the attractive forces are greater than 
the repulsive process and so a stable chemical bond is formed If the nuclei try to 
approach closer than this distance, the repulsive forces increase and the system 
becomes unstable, 


4.2 Ionic bond 
Energy and ionic bonding 

Ionic bonds are foimed by the transfer of electrons from the outer energy level 
of an electropositive atom to the outer energy level of an electronegative atom. 


Na + 


XX 
X Cl 
XX 


+ XX v - 


-b Na ■ Cl 

XX 

XX 


Let us examine the energy changes involved in the formation of crystalline NaCl. 
This reaction is exothermic. But we are interested in the step-wise energy changes 
which lead to the final evolution of heat. 

Firstly, solid sodium must be dissociated into free atoms. This requires the 
absorption of eneigy, the heal of sublimation of sodium. Secondly, molecular chlorine 
must be dissociated into free atoms. This requires the absorption of energy, i.e. heat 
of dissociation of chlorine. 

Thirdly, the outer 3s electron (valence electron) of sodium must be removed 
from the atom. The energy needed to do this, called the ionization energy, is absorbed- 

Fourthly, as the valence electron (3s) of the sodium atom is transferred to the 
outer energy level (3p) of the chlorine atom, energy is liberated in this process. This 
energy is the electron affinity of chlorine. 
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Fifthly, after the sodium and chloride ions have been formed by the transfer of 
the electron, electrostatic attraction will draw them together to form an ion pair. In 
a large sample, the ion pairs will become arranged mto a crysLal lattice, liberating 
energy called the crystal, or lattice energy. 

The reaction between sodium and chlorine occurs only because the energy 
r eleased is greater than the energy absorbed. The product is therefore in a lower 
energy state than the reactants, and thus relatively more stable. This is true for the 
formation of all ionic bonds. 

These energy changes per mole arc summarised in Fig. A A. Ej = the heat of 

sublimation of sodium; E 2 = the heat of dissociation of chlorine; E 3 = the ionization 

energy of sodium , E 4 = the electron affinity of chlorine; and E 5 = the lattice energy 

ofNaCl. * 

Ej = +26 KCal. £ E 2 = +29 KGal, 

E 3 = +118 KCal E 4 = -87 KCal, 

E 5 = —184 KCal 



+ E 3 

Fig, 4.4 Formation of sodium chloride crystal lattice 


Notice that plus (+) sign is used to indicate energy absorbed and a minus (—) 
sign for energy liberated, E { is the total energy liberated. 

E, = 26 + 118 + 29 — 87 — 184 Kcal/mole = - 98 Kcal/mole. 

This calculated value is found to be the same as the experimentally determined 

value. 

*Heat of dissociation defined per mole. Therefore E 2 is the energy involved 
in the cycle. 
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As the ions in an ionic, solid arc rigidly held by strong forces of attraction, ionic 
solids are usually hard and brittle. 


Ionic compounds are soluble in polar solvents like water and insoluble in non 
polar solvents like carbon tetrachloride. 


Let us now consider how an ionic compound dissolves in a polar solvent like 
water. When an ionic solid is placed in water, the ions of the solid attract the polar 
solvent molecules, The negative ends or the water molecule are bound to the positive 
ion and the positive ends to the negative ions. This weakens the inter-ionic forces and 
eventually the ions come off the crystal lattice. The separated ions are surrounded by 
a number of molecules of water. 


In ionic solids, the ions of opposite charge are held by strong forces of electro¬ 
static attractions, A large amount of energy is needed to pull apart the oppositely 
charged ions. Hence their melting and boiling points are high. 


The ionic compounds if melted or dissolved in water conduct electric current. 
This is because the ions responsible for conduction are free to move only when melted 
or dissolved in water. In the solid state, on the other hand, the ions are held rigidly 
in the lattice and are not free to move. 


4.3 Covalent bond 

As the molecules in covalent compounds are held by weak forces, they can be 
easily pushed around from one place to another. Hence they are relatively soft. 


Unlike in the ionic solids, the total intermolecular attractions in covalent 
compounds are small. So less energy is needed for pulling the molecules apart. The 
melting and boiling points of covalent compounds are therefore relatively low. 


Covalent compounds are usually poor conductors of electricity since the basic 
particle in covalent compounds is not an ion but a molecule e. g., carbon disulphide, 
benzene etc. The covalent compounds do not dissolve in polar solvents like water but 
dissolve in non polar solvents. For example, NaCl dissolves in water but not in 
benzene. A covalent compound like naphthalene dissolves in benzene but not in 
water, 
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Table 4.1 Melting and boiling points of some ionic and covalent 

compounds 


Substance 

Melting point (°C) 

Boiling point (°C) 

Sodium chloride 

004 

1413 

Potassium iodide 

723 

1420 

Potassium bromide 

730 

1380 

Hydrogen chloride 

-112 

- 83.7 

Oxygen 

-218.8 

-183.0 

Nitrogen 

-209.9 

-195.8 

Chlorine 

-101 

- 34.1 

Iodine 

113.5 

184.4 

Carbon tetrachloride 

9 

189 


Coordinate covalent bond or dative linkage 

We know that a covalent bond consists of a pair of electrons shaied by two 
atoms. One of the electrons in the pair lis supplied by one bonding atom and the 
other electron is supplied by the other atom. In some covalent bonds, however, one 
of the atoms supplies both the electrons. For example, consider the formation of 
ammonium ion, NH 4 ~. A molecule of ammonia, NH 3 , reacts with a hydrogen ion, 
H + , to form an ammonium ion This change is represented as 


H 

H : N: 
H 


+ 

+ H-> 


_ + 

H 

H : N : H 
H 
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In this reaction, nitrogen atom supplies both the electrons (nitrogen has an 
extra lone pair of electrons not involved in the bond formation in ammonia) and 
is known as the donor atom. The hydrogen ion, H + , (called acceptor) readily shares 
the lone pair ol electrons ofFered by the nitrogen atom and in so doing, achieves a 
helium like stable configmation The chemical change in this reaction consist of the 
sharing ot the lone pair of electrons of the nitrogen atom with the hydrogen ion. 
The product of this change is the ammonium ion which has one positive charge- 
When once the ammonium ion is formed, the four N — H bonds of the ion become 
identical and indistinguishable. A covalent bond formed in this way is called a 
coordinate covalent bond. The compounds containing such bonds are known as 
coordination compounds. 

Another example is the formation of hydronium ion, H 3 0 + . -f 


H 

H : O : 



H 

H : 0 : H 


How many bonds can an atom form? 

Electron transfer or sharing may continue till a maximum of eight electrons or 
four pairs, surround an atom. In hydrogen sharing is, of course, limited to one pair. 
The application of this is conveniently illustrated wiih a few examples using electron 
dot formulas. 

A molecule of chlorine has two atoms of chlorine. Each atom of chlorine 
has seven electrons in its outer most shell and the formation of a molecule 
of chlorine can be represented as shown below indicating that one covalent bond 
is formed, 


Cl ■ + • Cl 


Cl: Cl: 


It is seen that each chlorine atom is surrounded by four pairs of electrons, one 
pair is the bond pair and the other three are the unshared pairs. Studies have shown 
that further bond formation in the chlorine molecule does not take place because an 
8-electron arrangement is a stable arrangement. 

In water, H 2 0, oxygen has 6 electrons and the two hydrogen atoms contribute 
one electron, each making a total of eight electrons in the outermost shell of oxygen, 
thus completing an octet. 

However, the octet rule strictly applies to the elements of the second short period 
of the periodic table where, a maximum of four bonds can be formed through sharing, 
There are, however, a number of molecules where 5 or 6 covalent bonds are formed 
by the central atom Such a behaviour is exhibited by elements such as phosphorus 
and sulphur. 
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Cl 


cl:p- ci 

Cl *CI 


F 



.F 

T 


Phosphorus (V) chloride Sulphur (VI) fluoride 

Fig. 4,6 Molecules of p(Jl 5 and sf 6 


4.4 Polarity of a covalent bond 

Electronegativity 

In order to understand the nature of a chemical bond there must be a way of 
comparing the electron attracting powers of the atoms concerned in the chemical bond 
This can be done in terms of electronegativity of the element The tendency of an 
atom to attract electrons to itself when combined in a compound is termed the 
electronegativity of the atom. The relative electronegativities of some elements are 
given in Table 4.2. 


Table 4.2 Relative electronegativities (Pauling’s scale) 


Element 

Relative 

electronegativity 

Element 

Relative 

electronegativity 

F 

4.Q 

Si 

1.8 

0 

3.5 

Sn 

1.7 

N 

3.0 

A1 

1.5 

Cl 

30 

Mg 

1.5 

Br 

2.8 

Li 

1.0 

C 

2.5 

Ca 

1.0 

S 

2.5 

Na 

0.9 

I 

2.4 

K 

0.8 

H 

2,1 

Rb 

0,8 

P 

2.1 

Cs 

0.7 
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Non metals have high electronegativities compared to metals. Fluorine is the 
most electronegative element and cesium the least electronegative. 

The greater the difference between the electronegativities of the bonding atoms, 
stronger is the bond formed and stabler is the resulting compound. Thus the bond in 
HF is very much stronger than the bond in HI. Consequently hydrogen fluoride is a 
stabler compound than hydrogen iodide. In the same way ammonia, NH 3 , is stabler 
than phosphine, PH 3 , 

Polar and nonpolar molecules 

When a covalent bond is formed, the two bonding atoms may share the pair 
equally or one of the atoms may exert a greater attraction for the electrons. Let us 
consider the hydrogen molecule, H : H. Here the electron pair is shared equally 
because the atoms are exactly alike. In the case of a molecule like HF, the sharing 0 
the electrons is not equal. Fluorine exerts a greater pull on electrons (electronegativity 
of F is higher than that of H, the difference being 1.9 (4 0 - 2.1). Consequently t e 

fluorine end of the molecule becomes negatively charged and the hydrogen en 
positively charged. 


I-I ; F : 

Electronic formula of 
hydrogen fluoride 


H-F 


Polarity of 
HF 


The hydrogen - oxygen bonds in water are partially ionic (electronegativity 
difference 3.5-2.1 = 1.4). Thus these are polar covalent bonds, with t e oxyg 
being somewhat negative and the hydrogen being somewhat positive, 
water molecule contains two such bonds unsymmetiically arranged, the wa e ^ 

as a whole shows regions of positive and negative charge and is thus polar, 
the nitrogen-hydrogen bonds in ammonia are polar. The molecules HF, 1 > > 

thus behave as electric dipoles. The product of the charge at one end an 
between the charges is called dipole moment. Molecules having a dipol 
called polar molecules, The dipole moment has a direction as well as a g 
It is a vector quantity. 

Molecules like carbon tetrachloride, CC1 4> and carbon disulp h id e , GS 2 , are not 
polar molecules although the C-Cl and C = S bonds in t ese mo ec ^ Q j> 

They have a symmetrical structure and the dipole of one bond canc P 

the other. There is thus no resultant dipole moment. 




Cl 



Cl 

Carbon tetrachloride Carbon disulphide 

(the direction of the 
dipole is shown by 

arrow head) 

„y , ' 

Fig, 4,7 Nonpolar molecules 

Molecules like CCI 4 , CS 2 having no dipole moment are called nonpolar 
molecules. 

Diatomic molecules like H 2 , 0 2 and Cl 2 are symmetrical because the two atoms 
are identical. So there is electrical charge symmetry and hence no dipole is observed. 
They are linear i.e. the two nuclei lie on a straight line, However, in triatomic molecules 
like H 2 0, H 2 S, C0 2 and S0 2 two arrangements are possible: all three atoms may lie on 
a straight line, that is, the molecule may be linear, or (ii) the three atoms may not be 
collinear, the molecule may be bent. Experiments show that carbon dioxide is a 
nonpolar molecule. This suggests a linear arrangement, If the arrangement were 
angulai, the polarities of the two carbon-oxygen bonds would not cancel each 
other and the molecule would have been polar. 


0 = G = 0 


The water molecule is also triatomic. However, unlike the carbon dioxide 
molecule it is found to be polar. Therefore, the arrangement of the atoms in the 
water molecule must be angular (Fig. 4.8) and not linear. Experimentally the angle 
- between the two oxygen-hydrogen bonds is 

' 11 ’ found to be about 105°, Similarly the 

hydrogen sulphide molecule is also polar and 
therefore angular, The bond angle FISH 
is 92°. 

Wptep, , ' 

Fig, 4,8 Structure of the water molecule- .... - ' ‘ . , 



/ 
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Fig. 4.9 Shape of the ammonia 


Consider the ammonia molecule. If the 
molecule were planar (i.e,, all the four atoms 
were in the same plane) the angle between 
the nitrogen-hydrogen bonds would be 120°, 
and the molecule would haye been nonpolar. 
Actually, ammonia is polar and the angle between 
the bonds is found to be 107,3°. This is possible 
only if the molecule is pyramidal with the 
nitrogen atom at the apex and the three 
hydrogen atoms in the base (Fig. 4,9) 


molecule 



On the other hand, consider molecules 
like methane, CH 4 , and carbon tetrachloride, 
CC1 4 . The carbon atom is at the centre of a 
regular tetrahedron and each of the C-H or C-Cl 
bonds is directed towards the four corners 
of a regular tetrahedron. It is true that each 
of the C-H orG-CI bonds has a dipole, But 
since the four bonds in the molecule are 
identical and directed to four corners of a regular 
tetrahedron, they cancel one another resulting 
in a nonpolar molecule (Fig. 4.10), Thus we 
find that molecules having bond dipoles need 
not necessarily be polar in nature. The molecular 
shape, symmetrical or otherwise, also decides 
the polar nature of the molecule. 


Fig. 4.10 Shape of the methane molecule 
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Q,«iz 

Each question given below is followed by four answers. One of them is correct. 
Indicate the correct answer in the brackets provided. 


1, The element which has two valence electrons is ( 

(a) hydrogen (b) neon 

(c) helium (d) sodium, 

2, An example of the element which has one valence electron is ( 

(a) helium (b) sodium 

(c) chlorine (d) magnesium. 

3, The number of electrons in the outermost shell of an 

atom which indicates marked stability in elements is ( 

(a) 3 (b) 4 

(c) 6 (d) 8. 


4. The electronic configuration of aluminium (atomic 

number 13) is ( 

(a) 8, 3; 2 (b) 2, 3, 8 

(c) 3,8,2 (d) 2,8,3. 

5. The electronic configuration of an element with 

atomic number 9 is ( 

(a) 1, 3, 5 (b) 2, 6, 1 

(c) 2,7,0 (d) 1,7,1. 

6. The atom having the electronic configuration 2, 8, 6 

is that of ( 

(a) helium (b) carbon 

(c) oxygen (d) sulphur. 

7. In the formation of magnesium chloride, a magnesium 
atom acquires the stable configuration of a noble 

gas by ( 

(a) losing 2 electrons (b) losing 4 electrons 

(c) gaining 1 electron (d) gaining 2 electrons. 


) 


) 


) 


) 


) 


) 


) 
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8. An example of an ionic compound is 


( 


(a) methane (b) hydrogen chloride 

(c) water (d) magnesium chloride. 


9. An example of a covalent substance is ( 

(a) sodium sulphate (b) magnesium bromide 

(c) hydrogen chloride (d) sodium chloride. 


10. An example of a polar molecule is 

(a) hydrogen (b) oxygen 

(c) ammonia (d) chlorine. 

11. An example of a nonpolar molecule is 

(a) water (b) carbon dioxide 

(c) ammonia (d) hydrogen chloride. 

12. The atomic number of sodium is 1 i. 

The electronic configuration of Na + ion is 

(a) 2, 8, 1 (b) 2, 8, 0 

(c) 2,8,8 (d) 2,8,2. 

13. A negative ion is formed when an atom 

(a) loses an electron (b) loses a proton 

(c) gains an electron (d) gains a neutron. 


( 


( 


( 


( 


) 


) 


) 


) 


) 
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Chemical Equations 

INSTRUCTION MATERIAL 


Introduction 

A chemical equation describes a reaction indicating the reactants and products 
formed in tei ms of their symbols and/or formulae. Symbols, formulae, and chemical 
equations have a precise quantitative meaning. To make the equation more informative 
energy changes and other conditions of the reaction may also be indicated. 

Outline 


1, Meaning of an equation 

(5.1) 

2. Problems based on equations 

(5.2) 

3. Equations showing the heat of reaction 

(5.3) 

4. Ionic equations 

(5.4) 


Concepts ' 

1. In a chemical reaction the total number of atoms and therefore the total 
mass is conserved. 

2. In ionic reactions the charges are conserved besides mass. 

3. The reactions involving heat changes are represented by thermochemical 
equations, 
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SCHEDULE 


Lesson 

Experiment 

Postlab 

Demonstration 

Text covered 

1 

— 


— 

5.1 

2 

— 

— 

— 

5.2 

3 



— 

5.3 

4 

10 

Discussion 

— 

5.4 

5 

— 


— 

Review & quiz 


Development 

5.1 Meaning of an equation 

The first equation chosen for discussion is the reaction between hydrogen and 
chlorine. Unfold to the students the many facts summarised in the equation one by 
one. Impress upon them that the equation does not merely give a list of reactants 
and products of the reaction taking place but it also specifies the quantities of all the 
species involved, The steps indicated in the text have to be developed gradually and 
only after making sure that the students have grasped the full meaning and significance 
of each term The second equation to be discussed is that of the burning of 
magnesium. 


Careful consideration of the detailed quantitative study made on the above 
chemical equations leads to relation between weights and volumes ol the species 
involved. The branch of chemistry dealing with exact mass and/or volume relations 
among substances involved in a chemical reaction is called stoichiometry. 

5.2 Problems based on equations 

In all calculations emphasis should be laid on the mole concept and it should 
be used often so that the student becomes more and more familiar with it, 

Weight-weight calculations 

What weight of oxygen gas will be produced from the thermal decomposition of 
1.226 g of potassium chlorate ? (Formula weight of KG10 3 = 122.6 g). 
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To deal with any problem in stoichiometry, we begin with the balanced 
chemical equation for the reaction. 

2 KC10 3 (s) -2 KC1 (s) + 3 0 2 (g) 

2 moles 2 moles 3 moles 

First determine the number of moles of KC10 3 present in 1.226 g of this 
compound. 

No. of moles of KC10 3 
in 1.226 g of this 
compound 


= 0.010 mole 

According to the above equation, 2 moles of potassium chlorate yield 3 moles 
of oxygen. 

0.010 mole of potassium chlorate will yield 
3 X 0.010 

■- = 0.015 mole of oxygen 

2 


But we know that 1 mole of oxygen represents 32 g of oxygen. 

Weight of 0.015 mole of oxygen = 0.015x32 

= 0,48 g 

Hence, the weight of oxygen produced from the thermal decomposition of 
1.226 g of potassium chlorate is 0.48 g. 

Example 2 

(a) How many grams of oxygen are required to oxidize 140 g of iron to 
iron (III) oxide ? 

(b) How many moles of iron (III) oxide are produced ? 

(Atomic wt, of iron = 55.8, atomic wt. of oxygen = 16). 


Weight of potassium chlorate 
Formula weight of potassium chlorate 

1.226 g 

1.236 g/mole 


/ 
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4 Fe + 3 0 2 ■ 
4 moles 3 moles 
223.2 g 96.0 g 


—-7> 2 Fe 2 0 3 

2 moles i 

319,2 g 

(a) First determine the number of moles of iron present in 140 g of iron. 

Weight of iron 

No. of moles of iron in 140 g = -- 

Atomic weight of iron 

140 g 
55.8 g/mole 

= 2.51 moles 

According to the above equation, for the oxidation of 4 moles of iron into iron 
(III) oxide 3 moles of oxygen are required. 

No. of moles of oxygen required to oxidize = 2.51 X 3 

4 

= 1,88 moles. 

Weight of 1.88 moles of oxygen = 1,88 X 32 

= 60.2 g 

(b) 4 moles of iron, when oxidized, give 2 moles of iron (III) oxide. 

2 X 2.51 

2.61 moles of iron, when oxidized will give - 

4 

= 1.26 moles 

5.3 Equations showing the heat of reaction 

Mention that energy changes accompanying a chemical reaction may be shown 
by incorporating the quantities of heat absorbed or evolved. Tell the students that 
if any chemical reaction is endothermic, the reverse reaction is exothermic and involves 
numerically the same amount of heat change, For example, 
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GaO (s) + C0 2 (g)--> GaGOj (s) + 42.5 KCal 

CaC0 3 (s) + 42.5 KCal-GaO (s) + C0 2 (g) 

H 2 (g) + Br 2 (1) -> 2 HBr (g) + 17.2 KCal 

2 HBr (g) + 17.2 KCal--> H 2 (g) + Br 2 (1) 

Besides the example worked out in the text, the following may also be tried. 

Example 3 

The thermochemical equation for the combustion of ethylene gas, C 2 H 4 , is 

C 2 H 4 (g) + 3 0 2 (g) --> 2 C0 2 (g) + H 2 0 (g) + 337 KCal 

1 mole 3 moles 2 moles 2 moles 

(a) Calculate the amount of heat evolved by burning 14 kg of 
ethylene gas, 

(b) How many kilograms of water at 25°C can be heated to 55°C by the 

heat evolved in the above reaction? ? 

(Atomic weight of carbon = 12,0, atomic weight of hydrogen - 1.0); specific 
heat of water = 1.00. 

First determine the number of moles of ethylene present in 14 kg i.e., 
14000 g of ethylene. 

14000 g 

Number of moles of ethylene = - 

28 g/rnole 

= 500 moles 


According to the equation, one mole of ethylene, on complete combustion 
liberates 337 KCal of heat, 

.'. 500 moles of ethylene would liberate 500 X 337 i.e, 1.685 X 10 5 KCa 1 
of heat. 


(b) To heat 1 kg of water from 25°C to 55°C the amount of heat 
required is 

amount of water x specific heat x temperature difference. 
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= 1000 X 1 X 30 
= 30 KCal 

30 KCal of heat can raise the temperature of one kilogram of water from 
25-C to 55'C. 


Example 4 


168500 KCal of heat would raise 


168500 x 1 
30 


= 6616.6 kg of waLer 


The combustion of 5 g of coke (carbon) raised the temperature one kilogram 
of water from 20°C to 57°C. Write the thermochemical equation for the combustion 
of coke. 

The amount of heat required to raise the temperature of one kilogram of 
water from 20 r C to 57°C is 

1 X 1 X 37 = 37 KCal 

37 KCal of heat is produced when 5 g of coke is burnt. Number of moles 
in 5 g of coke 


5 g 

12 g/mole 


0.416 mole 


0.416 mole of coke produces 37 KCal of heat 


37 X 1 

1 mole of coke will produce - = 88,9 KCal 

0.416 


Therefore, the thermochemical equation for the combustion of coke is 
G (coke) + 0 2 (g)-> C0 2 (g) + 88.9 KCal 


Example 5 

How much heat is required for the complete decomposition of 24 g of water 
into hydrogen and oxygen ? 
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The equation for the above reaction is 


2 HjO (1) + 135 KGal-•> 2 H 2 (g) + O, (g) 

2 moles 2 moles 1 mole 

First determine the number of moles of water present in 24 g of water 

24 g 

No. of moles of water = - = 1.33 moles 

18 g/mole 

According to the equation the amount of heat required for the complete 
decomposition of 2 moles of water into gaseous hydrogen and oxygen is 136 KCal. 


The amount of heat required for the decomposition of 1,33 moles of water 


136 x 1.33 

-- = 90.5 KGal 

2 

Besides the reactions discussed in the text, the following may be useful while 
this topic is dealt with : 

1/8 S 8 (i) + 0 2 (g)-+ S0 2 (g) + 71 KGal 

G (s) + H 2 0 (g) + 31.4 KCal-CO (g) + H 2 (g) 

CaO (s) + C0 2 (g)-> CaC0 3 (s) + 42.5 KCal 

C (s) + £ S e (s) + 22 KCal-> CS 2 (g) 

5.4 Ionic equations 

An illustration of ionic reactions and ionic equations can be brought out 
clearly through experiment 10. 
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Experiment 10 : Reactions involving ions 

Time required : 40 minutes 

For part A of this experiment 0.5 g of each six substances mentioned are to be 
given to each student. The observations made in this part help the students in 
guessing which substances will be precipitated from the solution and also in writing 
ionic equations for the reactions in Part B. 

Aqueous solutions (2%) of the eight substances mentioned in the laboratory 
manual are to be given for Part B. While writing the equation barium sulphate> 
BaS0 4 , barium carbonate, BaC0 3 , precipatated in the reactions are to be shown with 
arrows pointing downwardsor with the subscript (s). 


After the experiment is over, discuss the reactions given in the text. 


77 



BACKGROUND INFORMATION 


5.1 Meaning of an equation 
Molar volume of a gas 

The quantity of a substance whose weight in grams is numerically equal to its 
molecular weight is called a gram-molecular weight or a mole of that substance. The 
volume occupied by one mole (1 gram molecular weight) of a gas at STP* is called 
its molar volume. It is determined experimentally by weighing a certain volume of 
the gas under known conditions of temperature and pressure, The volume is then 
reduced to STP from which the molar volume is calculated. 

It has been found that 1 mole of any gas occupies 22.4 litres at STF. Since, 
according to Avogadro’s law, equal volumes of all gases contain equal number of 
molecules under similar conditions of temperature and pressure, it follows that 1 mole 
of any gas** contains the same number of molecules represented by N and is equal to 
6.023 x IQ 13 (Avogadro’s number) 


Extending the above information we may further interpret the following 
equation already dealt with in the text, 


H : (g) * Cl 2 (g)-> 2 HGl(g) 

1 mole 1 mole 2 moles 

22.4 1 22.4 1 2 X 22.4 1 


The equation may be read as: 22.4 litres of hydrogen react with 22.4 litres of 
chlorine to yield 2 x 22.4 litres of hydrogen chloride (all the volumes being at STP). 


* STP = Standard Temperature and Pressure 

Standard Pressure = 760 mm Hg 

Standard Temperature = 0°G or 273 K. 

** It also applies to 1 mole of a solid or liquid. 
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„ „ . «,„w5na tlie heat of reaction 

5.3 Equations snowing 

Every chemical substance possesses energy which is closely related to its nature 
and composition This eneigy, which may be sard to be the energy stored during its 
formation, can be broadly classified into two lands - the kinetic energy due to the 

different types of motions of the molecule and the potential energy due to attractive 

and repulsive interactions between molecules and molecules and between atoms within 

a molecule^ ^ matter 0 f considerable difficulty to calculate the heat content of a 
substance Further, these arenot of great importance^ thermochernical equations,The 
heat effect in a chemical reation, measures the difference between the total heat 
content the products and Lhe total heat content of the reactants, It is only the 

difference that is of interest to a chemist. If the total heat content of the reactants 

is more than that of the products heat is released during the reaction. Conversely if the 
total heat content of the products is more than that of the reactants heat is absorbed 

during the reaction. 

The heat change m chemical reactions is indicated by “AH”; the Greek 
letter A (delta) indicates the difference. 


AH - 


Total heat content 
of products (H p ) 


Total heat content 
of reactants (H f ) 


A I-I may be positive or negative. The sign AH or has a definite meaning. 
It is positive for endothermic reactions and negative for exothermic ones. Since A H 
varies with temperature it is necessary that mention should be made of the temperature 
at which the reaction is carried out Most often the A H values given in literature 
refer to 25°C unless otherwise specified. 

The following is an example of the two ways of writing the same equation to 
express the heat change. 

2H 2 (g) + O s (g)-» 2 HjO (1) + 136 KCal 

or 2 Ha (g) + fe)-» 2 H 2 0 (1); A H = -136 KCal 


Both cq nations indicate that when 4 g of gaseous hydrogen react with 32 g of 

form 36 e of liquid water, 136 KGalof heat is released. Since 136 KCal 
gaseous oxygen to torm ‘ . ... . . . . , „ 

are released to the surroundings, the plus (+) sign is.used in .the.first equation. 
Since the total heat content of the' product is less than that of the reactants, a loss iri 
heat content has taken place and we indicate this fact by using a minus (-) sign before 

the A H value. 
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Similarly, we can write two equations to express the heat change for the 
formation of gaseous nitrogen monoxide from gaseous nitrogen and oxygen. 


N 2 (g) + 0 2 (g) + 43 KGal-» 2 NO (g) 

or Nj(g) + O g (g) -—4 2NO(g);AH=+43KCal 


Both equations indicate that 43 KGal of heat is absorbed when 28 g of gaseous 
nitrogen react with 32 g of gaseous oxygen to form 60 g of gaseous nitrogen 
monoxide. Since 43 KCil are absorbed, the heat change is shown on the 
left hand side of the first equation. Since the heat content of the product is more 
than the heat content of the reactants a rise in heat content has taken place, and we 
indicate this fact by using a plus (+) sign with the A H value. 

5.4 Ionic equations 

The following procedure is usually adopted for balancing ionic equations, 

1. Write the balanced equation. 

2. Write the same equation in terms of ions. 

3. Cancel the common ions on both sides of the equations to get the net 
ionic equation. 

*L 

This is illustrated by the reactions between aqueous solutions of 

(i) barium chloride, BaCl 2 , and sulphuric acid, H 2 S0 4 

(ii) lead nitrate, Pb (N0 3 ) 2 , and potassium iodide, KI 

(iii) ferric chloride, FeCl 3 , and ammonium hydroxide, NH 4 OH. 

(i) The complete equation for the reaction is: 


BaCl 2 (aq) 

± H 2 S0 4 (aq) - 

-4 BaS0 4 

t 2 HC1 (aq) 


or 



Ba ++ (aq) 

+ 2 Cl" (aq) + 1 

( BaS0 4 (s) 

+ 2 H+(aq) + 


— 



2 H+ (aq) 

+ S0 4 (aq) ) 

( 2 Cl" (aq) 



Ba++ (aq) + S0 4 (aq) - 

- ^ BaS0 4 (s) 
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(ii) The complete equation for the reaction is : 

Pb (N0 3 ) 2 (aq) + 2 Kt (aq)-Pbl 2 (s) + 2 KN0 3 (aq) 

pb ++ (aq) + 2 NOf (aq) + 2 K + (aq) + 2 I- (aq)--» Pbl 2 (s) 

+ 2 K+ (aq) + 2 N0 3 - (aq) 


Pb++ (aq) 2 I" (aq) -Pbl 2 (s) 


(iii) The complete equation for the reaction is: 

FeCl 3 (aq) + 3 NH 4 OH (aq)--*■ Fe (OH), (s) + 3 NH 4 C1 (aq) 

Fe+++ (aq) + 3 CL- (aq) + 3 NH 4 ^ (aq) + 3 OH-(aq)--» 

Fe (OH), (s) + 3 Cl' (aq) + 3 NH 4 + (aq) 

Fe+++ (aq) P 3 OH" (aq)-- Fe (OH), (s) 
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Quiz 

Each question is followed by four answers. One of them is correct. Choose the 
correct answer and indicate in the bracket provided. 

1. A chemical equation gives ( ) 

(a) information about the temperature at which the 
reaction takes place 

(b) information about the pressure at which the reaction 
takes place 

(c) information about the rate at which the reaction 
proceeds 

(d) the quantities of reactants and of products involved and 
their states of aggregation. 

2. Consider the following reaction • 


C (s) + 0 2 (g)-> C0 2 (g) (C=12.0, 0=16) 

(i) The number of moles of carbon dioxide formed from 2.40 g 

of carbon is ( 

(a) 2.40 moles (b) 1.00 mole 

(c) 1.20 moles (d) 0.20 mole 

(ii) The number of grams of carbon dioxide formed from 2.40 g 

of carbon is ( 

(a) 8.8 g (b) 5 6 g 

(c) 4.4 g (d) 2.4 g 


(iii) The volume of carbon dioxide in litres at S.T.P. obtainable 
from 2.4 g of carbon is 

(a) 22.4 litres (b) 11.2 litres 

(c) 4,48 litres (d) 2.24 litres 


( 


3, 44 g of carbon dioxide is produced by heating l mole of 
calcium carbonate. To produce 2.2 g of CO 2 the number of 
moles of calcium carbonate required would be 
(a) 0.4 (b) 0.2 

(c) 0,1 (d) 0.05 


) 


) 


) 


) 
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4 When 18 grams of water is decomposed, the products are 

16 g of oxygen and ^ ^ 

(a) 16 g of hydrogen 

(b) 4 g of hydrogen 

(c) 2 g of hydrogen 

(d) 1 g of hydrogen 

5. Potassium] chlorate on heating decomposes to give’oxygen 
according to the equation 

2 KGlOj->- 2 KC1 + 3 O a . The volume of oxygen liberated at 

S.T.P. by heating 1 mole of KC10 3 is ( ) 

(a) 22.4 litres (b) 33.6 litres 

(c) 44.8 litres (d) 11.2 litres 

6. An example of an endothermic reaction is ( ) 

(a) burning of carbon in oxygen 

(b) burning of hydrogen in oxygen to produce water 

(c) decomposition of water to gaseous hydrogen and oxygen 

(d) formation of slaked lime from quick lime, 

7. Hydrogen and oxygen react according to the following 

reaction ( ) 

H 2 (g) + | O s (g)-» HjO (1) + 68.0 kcals 

The heat liberated when 4 moles of gaseous hydrogen reacts 

with 2 moles of gaseous oxygen to form liquid water is ( ) 

(a) 63 kcals (b) 136 kcals 

(c) 204 kcals (d) 272 kcals 

8. In the precipitation reaction between sodium sulphate solution 
and barium chloride solution the actual ionic reaction takes 

place between ( ) 

(a) sodium ions and chloride ions 

(b) barium ions and sulphate ions 

(c) sodium ions and sulphate ions 

(d) barium ions and chloride ions. 
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9. An ionic reaction takes place in aqueous solution according 

to the equation ( ) 

Mg ++ (aq) + S0 4 — (aq) + Ba + + (aq) + 2 Cl“ (aq) 

-+ Mg+ + (aq) + 2 Cl" (aq) + BaS0 4 (s) 

The spectator ions in the reaction are ( ) 

(a) Mg++andS0 4 -' (b) Mg ++ and Ba++ 

(c) Mg + + and Cl" (d) Ba++ and SO 4 -- 

10. Calculate the weight of lime (calcium oxide) that can be obtained by heat¬ 
ing 100 leg of limeslone that is 91% pure CaC0 3 . 

11 . How many Kg of pure H 2 SC >4 is obtained from 10 Kg of pure iron pyrites 
(FeSa) according to the following equations ? 

4 FeS 2 + 11 0 2 - y 2 Fe 2 0 3 + 8 SOg 

2 S0 2 + 0 2 -b 2 S0 3 

S0 3 + H a O -> h 2 so 4 

12. A mixture containing 10 g of hydrogen and twice iLs weight of oxygen are 
sparked to form water. Calculate the weight of water formed. 

13. An element A has an atomic weight of 12, Element B has an atomic weight 
of 35.5. If one atom of A combines with 4 atoms of B calculate the mole¬ 
cular weight of the compound formed by combination of A and B. 

14. Explain the meaning of the following equations: 

(a) Zn (s) + Cl 2 (g) + 99.4 kcat-> ZnCl 2 (s) 

(b) C (s) + i S 3 (s) b 22.0 kcal-* CS 2 (g) 

(c) 1/8 S 8 (s) + 0 2 (g)-» S0 2 (g) + 70.9 kcal 

15. State all the information provided by the equation : 

2 H 2 (g) + 0 2 (g)-2 H 2 0 (1) 

16. What weight of magnesium oxide will be formed when 30.48 g of magnesium 
react with oxygen? 

2 Mg (s) + 0 2 (g)-b 2 Mg O (s) 

(Atomic weight of magnesium = 24.3, atomic weight of oxygen = 16.0) 

17. Calculate the number oF grams of oxygen that react with 60 g of carbon to 
form carbon dioxide. 

C(s) + 0 2 (g)-- C0 2 (g) 



18. Calculate the number of grams of potassium chloride, KC1, that would be 
foi'med along with 10 g of oxygen m the decomposition of potassium 
chlorate, KC10 3 . 

19. Copper metal reacts with sulphur according to the equation. 

Cu (s) + i S 8 (s)-* CuS (s) + 11.600 heal. 

Calculate the number of calories that would be liberated by the reaction 
of (a) 10 g of sulphur, (b) 63.54 g of copper. 

20. When 12 g of carbcn reacts with sulphur to form carbon disulphide, CS 2 , 
22000 cal are absorbed If 3 g ol carbon completely reacts (to form CS 2 ), 
calculate the quantity of heat absorbed. 

21. Write the net ionic equation for each of the following reactions. 


(a) 

H 2 SO„(aq) + 

2 NaOH (aq) 


Na 2 S0 4 (aq) + H 2 0 (aq) 

(b) 

AICI 3 (aq) + 

3 NH 4 OPI (aq) 

— 

A1 (OH) j (s) + 3 NH 4 CI (aq) 

( c ) 

BaClg (aq) + 

Na 2 C0 3 (aq) 

-y 

BaGOj (s) + 2 NaCl (aq) 

(d) 

CuS0 4 (aq) + 

H 2 S (g) 

-- 

CuS (s) + H 2 S0 4 (aq) 

(e) 

Mg (s) + H 2 S0 4 (aq) 

——y 

MgS0 4 (aq) + H 2 (g) 

(f) 

Pb (N0 3 ) 2 (aq) 

+ 2 KI (aq) 

->- 

Pbl 2 (s) + 2 KN0 3 (aq) 
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Hydrogen, Oxygen and Water 



INSTRUCTION MATERIAL 


Introduction 

Hydrogen and oxygen are among the industrially important elements, As is well 
known oxygen is essential to life. The importance of water to life and industry 
cannot be over emphasised, This chapter deals with these important aspects of these 
substances—hydrogen, oxygen and water. 


Outline 

1. Hydrogen (6,1) 

2. Oxygen (6.2) 

3. Oxidation and reduction (6,3) 

4. Ozone (6,4) 

5. Water (6.5) 

6. Hardness of water (6,6) 

7. Composition of water (6,7) 

8. Properties of water (6.8) 

9. Hydrogen peroxide (6.9) 
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Concepts 

!■ Oration “ a process involving a loss of electrons; reduction involves a gain 
of electrons. 

2, Polarity of the water molecule is a major factor responsible for the solvent 
action of water. 

3 The existence of an element in more than one form in the same physical 
state is known as allotropy. 


SCHEDULE 


Lesson 

Experiment 

Postlab 

Demonstration 

Text covered 

1 

I 

— 

— 

— 

--- 

6.1 and 6.2 

2 


— 

— 

6.3 and 6.4 

3 

— 



6.5 

4 

11 , 12 

Discussion 

— 

6.6 

5 

13 

Discussion 

— 

6.6 

6 

— 

— 

1 

6.7 

7 

14 

_ 

2 

6.8 

8 

15 

— 

— 

6.9 

9 


_ 

— 

Review & quiz 


Development 
6.1 Hydrogen 


Elicit from the students the chemistry of hydrogen from what they learnt in the 
lower classes. Mention the occurrence of hydrogen in the universe and some commer¬ 
cial uses of the gas to emphasise the importance of the element. While it is not required 
for breathing, hydrogen is nevertheless essential to life, because of its presence in water 
and in many of the compounds that make up plant and animal tissue. It is important 
as a component of many fuels - gasoline, kerosene, fuel oil and natural gas - and as 
such plays an important role in industry. Besides it is an important raw material in 
the manufacture of many chemical substances like ammonia. It is also used in the 
hydrogenation of oris. Point out why the laboratory method of preparing the gas is 
not suitable for large scale manufacture (especially the cost and economic feasibility of 
the process). While describing any industrial method stress the main principles 
involved. Ask the students to write the chemical equations for the reactions involved. 


87 





6,2 Oxygen 

The sequence for discussion is the same as in the case of hydrogen. Introduce 
the phenomenon of allotropy by first recalling the existence of carbon and sulphur in 
different forms about which the students learnt in the lower classes (the word allotropy 
was not used earlier). Point out that allotropy is a phenomenon exhibited by many 
other elements besides carbon and sulphur, foi example, oxygen, phosphorus, tin etc. 

One of the widely used methods for the industrial preparation of oxygen is 
fractional distillation , of liquid air. When air (previously freed from carbon dioxide, 
moisture, etc ) is compressed to about 200 atmospheres and is then suddenly released 
into a region oflow presure or a vacuum, there is a considerable fall in temperature due 
to the expansion. The cooled air is recompressed and then released again into the 
vacuum when further cooling is produced. This cycle of operations is repeated until 
the air is cooled to such an extent that it liquefies This liquid, which consists mainly 
of oxygen and nitrogen (and a minute quantity of a mixture of the noble gases argon, 
neon, krypton and xenon) is now subjected to fractional distillation. This operation 
makes use of the fact that liquid nitrogen boils at a lower temperature ( - 196°C) than 
liquid oxygen ( - 183°C), When the liquid air is passed through a specially construc¬ 
ted tall tower called a fractionating column (Pig 6.1) the vapours contain a 
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greater proportion of the more volatile nitrogen, while the residual liquid contains 
a greater proporation of oxygen By repeating this process a vapour which is almost 
pure nitrogen and a residual liquid of almost pure oxygen can be obtained. 

6.3 Oxidation and reduction 

The electronic concept of oxidation and reduction should be introduced only 
formally and no attempt need be made at this stage to explain all oxidation- 
reduction reactions on the basis ol loss or gain of electrons, A few more simple 
examples of oxidation and 1 eduction reactions m addition to those mentioned in the 
text may be given. A good example is that of the displacement of copper from 
aqueous solutions of copper salts by zinc metal In this reaction copper ions gain two 
electrons and hence, are reduced. While zinc atoms lose two electrons and are oxi¬ 
dized. The reaction can be represented as: 

Cu++ (aq) + Zn (s) —> Zn++ (aq) + Cu (s) 

The Copper (II) ion, Cu++ is the oxidizing agent as it oxidizes zinc to the zinc 
ion, Zn ++ . Metallic zm , in turn, is the reducing agent as it reduces copper (II) ion to 
metallic copper. The oxidizing agent gets reduced, while the reducing agent gets 
oxidized. Emphasize this point and the fact that oxidation and reduction occur simul¬ 
taneously. Write out a few equations on the black board and ask the students to point 
out the oxidizing agent and reducing agents. Some examples are given below. 

Zn (s) + Fe++ (aq) —> Zn++ (aq) + Fe (s) 

Cu (s) * 2 Ag + (aq) —> Cu++ (aq) + 2 Ag (s) 

Clj (g) + 2 Br" (aq) —» 2 Cl' (aq) + Br 2 (1) 

Cl* (g) + 2 1' (aq) —7“ 2 Cl' (aq) + I 2 (s) 

6.4 Ozone 

At this stage no more than what is given in the text need be discussed, 

6.5 Water 

Importance of water for all plant and animal life could be emphasized through 
eominon examples. It should be interesting to talk here about the problem relating to 

quest for water, It would be relevant to mention the types of natural waters and the 
nature of impurities associated with each type. The methods described in the text for 

the purification of water lor drinking purposes should be explained. 

6.6 Hardness of water 

Hardness of water and its removal may be introduced through experiments 11, 

12 and 13. The postlab discussion should bring out the ideas given m the text. 
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Experiment 11 s Detection of hardness 
Time required: 30 minutes 

1 . Prepare the soap solution required for this experiment by dissolving 2 g of 
any good quality soap (not soapless soap) in 100 ml distilled water. Alter¬ 
nately commercially available soap solution can be used. Dilute if necessary 
and use. 

2. In place of sea water an aqueous solution containing about 2 g sodi um 
chloride; 1 g magnesium sulphate, and 0.1 g calcium chloride per 100 nd 
water may be provided 

3 If well water is not available, water from any other source may be provided 

The number of drops of soap solution required to give a permanent lather with 
any sample of water depends on a number of factors such as the quality of the soap 
itself, the nature of the water samples collected. The details given here for preparation 
of different solutions serve only as general guidelines. Alter the concentration accord¬ 
ing to requirements and standaidise the results by doing the tests you,self before assigning this 
experiment to the students. 

Postlab discussion 

After completion of the experiment collect the data obtained by students and 
arrange the various samples of water in order of increasing hardness: the order would 
be the same as in the increasing order of the number of drops of soap solution required 
to give a permanent laiher with water (permanent here may be taken to mean lather 
lasting atleast for 2 minutes). 

Experiment 12 : Causes of hardness of water 
Time required : 30 minutes 

1. Soap solution, as in experiment 11. 

2. The various other solutions required for this experiment (excepting solution 
of calcium bicarbonate) are to be prepared by dissolving about 1 g of the 
salt in about 4 litres of ordinary water. 

3. Aqueous solution of calcium bicarbonate is to be prepared by passing carbon 
dioxide (from a Kipp’s apparatus) through a suspension of calcium car¬ 
bonate (1 g in 4 litres) until a clear solution is obtained. Or pass carbon- 
dioxide through freshly prepared lime water until a clear solution is 
obtained. 
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Postlab discussion 

Ask the students to record the information obtained during the experiment. 
Elicit from the students the answers to the questions given in laboratory manual. The 
discussion would enable the students to understand the causes of hardness of water. 

Question and Answer 

Based on your observations, 

(a) Which ions present in the different solutions cause hardness of water? 

(b) Which ions do not cause hardness ? 

(a) Calcium and magnesium ions, 

(b) Sodium ions. 

Experiment 13 : Removal of hardness in water 

Time required : 30 minutes 

1 . Soap solution, as in experiment 1 1 

2. Aqueous solutions of calcium bicat bonate, calcium chloride, and magnesium 
sulphate, as in experiment 12. 

3. Sodium carbonate solution is to be preared by dissolving about 1 g of the 
carbonate in 2 litres water 

Postlab discussion 

The lesults obtained by students should be discussed in accordance with the ideas 
presented in section G .6 of the text regarding removal of hardness. The discussion should 
lead students to an understanding of the disadvantages of hardness and of the method 
used for its removal. 

Questions and answers 

1 . In which of the solutions used, is hardness removed by boiling? In which 
is it not ? 

The hardness is removed by boiling in the case of the solution containing 
calcium bicarbonate. It is not removed m the case of the other solutions. 

2. Which of the solutions need chemical treatment for the removal of hardness? 
The solutions containing calcium chloride and magnesium sulphate. 

Although the students have performed the experiments dealing with the causes and 
removal of hardness of water, nothing has been said about its estimation. The deter¬ 
mination of hardness of water may be introduced through Demonstration I. Explain 
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how natural wateis may contain bicarbonates of calcium and magnesium which cause 
temporary hardness, and chlorides and sulphates ol calcium and magnesium which 
cause permanent hardness. It is generally expressed in parts of calcium carbonate 
per million parts of water by weight (which is the same as milligrams per litre of water). 

Temporary hardness can be estimated by titrating bicarbonates with a standard 
dilute acid, say 0.05 M HC1, using methyl orange as indicator. To estimate perma¬ 
nent hardness, the water is treated with sodium carbonate and after complete 
precipitation of the alkaline earth salts, the solution is filtered and the excess of carbo¬ 
nate determined by titrating it with a standard acid (0.05 MHC1) The amount of 
sodium carbonate used up is then calculated, 

Gaicium sulphate which causes permanent haidness reacts with Na 2 C0 3 forming 
CaC0 3 and Na a S0 4 , the former of which is removed by filtration. Calcium bicar¬ 
bonate which is responsible for temporary hardness also reacts with Na 2 C0 3 added but 
it does not interfere with the determination of permanent hardness, as an equivalent 
amonnt of sodium carbonate is regenerated according to the reactions 

Ca (HCO,), + Na a C0 3 —> CaC0 3 + NaHC0 3 

2NaHC0 3 —> Na 2 C0 3 + H 2 0 + C0 2 

Demonstration I Determination of hardness of water 

Time required CO minutes 

Materials required 

Burette 

Burette stand with damps 
Porcelain tile 
Conical flask, 250 ml 
Evaporating dish, 500 ml 

Glass rod 
Pipette (25 ml) 

Water bath 

(a) Preparation of reagents 

1. Concentrated hydrochloric acid is approximately 10 M. To prepare 1 litre 
of 0 05 M HC1, dissolve 5 ml of concentrated HC1 in distilled water and 
make the volume to 1 litre. Find out the exact molarity of this solution by 
titration against standard sodium carbonate solution. 

2. To prepare 0.025 Na 2 C0 3 , dissolve 2.65 g of anhydrous sodium carbonate 
in water, and make the soiution to 1 litre. 

3 A 0.1% solution of methyl orange indicator is required. To prepare this, 
dissolve 10 mg of the solid indicator in 10 ml of 70% ethanol. 


Hydrochloric acid 0.05 M 1 litre 
Sodium carbonate 0.25 M 1 litre 
Methyl orange (indicator) 

Sample of hard water 
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4. Tap water from the laboratory may be treated as a sample of hard water. 

(b) Determination of temporary hardness 

Fill a clean burette with 0 05 M HC1 solution. Pipette out 100 ml of the 
given sample of hard water into a conical flask Add 2 or 3 drops of methyl orange 
indicator. The colour of the solution will be straw yellow. Run in the acid solution 
from the burette drop-wise, with constant swirling, until the colour of the solution just 
turns pink, Note the volume of the acid solution required for this colour change 
Enter the results in a tabular form given below. Repeat the experiment to obtain a set 
of concordant readings, Let the mean volume of acid solution used in the titration be 
V, ml. 


BURETTE READINGS J 

Initial 

Final 

Vol of 0 05 M 

HG1 used (ml) 





Calculations 

v, ml of 0.05 M HC1 = i V| ^ ■ moles of HC1 


The following reactions are involved 

Ca(HC0 3 ) 2 + 2 HOI —> CaCl 2 + 2 H 2 0 + 2 C0 2 f 
Ca(HG0 3 ) 2 —» CaC0 3 + H 2 0 + COj t 


The above equations indicate : 

2 moles of HC1 reacted = 1 mole of CaC0 3 present 

(vi x 0.05) _ , rTTr „ _ t (vj x 0.05) 

(1000) moles of HC1 — 2 ( ]00 0) 

moles of CaCOj 
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This CaCO; is present in 100 ml of hard water; the amount of' CaC0 3 present 
in one million parts, therefore, is 

t ( vj x 0.05 ) 1,000,000 

~ *■ ' (1000) x 100 

= ( 0.25 x V[ ) moles 

= ( 25 x Vj) parts / million parts water, since molecular 
weight of C!aG0 3 is 100, Let this be Wj, 

(c) Determination of permanent hardness 
Procedure 

Fill a clean burette with 0,05 M hydrochloric acid solution. Pipette out 50 ml 
of 0.025 M sodium carbonate solution. Pipette out 50 ml of 0.025 M sodium carbo¬ 
nate solution into a conical flask. Add 2 or 3 drops of methyl orange indicator. The 
colour of the solution will be straw yellow. Run in the acid solution from the burette 
until the colour changes to pink (keep the solution in the conical flask swirling 
during the titration). Note the volume of the acid solution added. Let it be A ml. 
Tabulate the readings as before. (This titration will not be necessary if the strength 
of the sodium carbonate solution is known accurately). 

(ii) Pipettee out 100 ml of the given sample of hard water into a 500 ml eva¬ 
porating dish. Add exactly 50 ml of 0.025 M sodium carbonate. Evaporate the 
solution to dryness on a water bath. See that there is no spurting. Dissolve the residue 
in freshly prepared distilled water. Filter off any undissolvcd substance, Collect the 
filtrate in a 250 ml conical flask. Wash the filter paper thoroughly with small quanti¬ 
ties of distilled water and collect the washings also in the conical flask. Add 2 or 3 
drops of methyl orange indicator, The colour of the solution will be yellow. Run in 
the acid solution from the burette till the colour of the solution changes to pink. Note 
the volume of the acid required for the titration. Let it be B ml 

Calculations 

The following reactions are involved: 

Na s C0 3 4- 2 HC1-> 2 NaCl + H 2 0 4- C0 2 

CaS0 4 4- Na 2 C0 3 -> GaCOj + Na 2 S0 4 

The above equation indicate that 

2 moles of HC1 reacted = 1 mole of Na 2 C0 3 
= 1 mole of CaCo 3 

50 ml of 0.025 M NajC0 3 requires A ml of 0.05 M HC1, and after the reaction 
50 ml of Na 2 C0 3 requires ‘B ! ml of the HC1. 
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v 2 ml of 0 05 M HC1 = 


= v 2 ml (say) 


( V 2 x 0 05 ) , rTTr ,, 

-—— moles of HG1 

Since 2 moles ofHCl reacted = 1 mole of CaC0 3 present 


molts otHdroaeds 1005 


1000 

This CaC0 3 is present in 100 ml of water, 
amount present in one million parts water 


1000 


moles of CaC0 3 


= i 
5 


VjxO.05 ) 1,000,000 .... . , 

-— x-—- — ( 0 25 xv 2 ) moles 


1000 


100 


2 ( 25 x v 2 ) g/million g water 
Let this be wg 

= Temporary hardness + Permanent hardness 
= ( W( + w 3 ) p.p.m. 


6.7 Composition of water 

The composition of water by volume can be verified by analysis. Experiment 
14 fits in very well here, 

Experiment 14 : Composition of water 

Time required : 30 minutes 

For this experiment about 1% aqueous solutlion of sodium sulphate may be used. 

Question and answer 

What is the volume ratio of the gases liberated in this experiment ? Is this 
ratio fixed or variable ? 

The volume ratio of hydrogen to oxygen is 2T. This ratio is fixed. 

6.8 Properties of water 

Ideas developed in chapter 4 ‘How atom combine ! should be recalled in discussing 
the polar nature of water. The solvent action of water can then be explained on the 
basis of polarity of the water molecule. 
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The phenomena of deliquescenece and efflorescence can be introduced by 
exhibiting to students crystals of calcium chloride and sodium thiosulphate previouslv 
exposed to air Ask the students to point out the two different behaviours. 

The action ol metals on steam can be intioduced through Demonstration II 

Demonstration II : Action of metals on steam 
Time required : 40 minutes 

Materials required 1 

Hard glass tube, 15 cm x 2,5 cm Distilled water 

Round bottommed flask, 250 ml Magnesium ribbon 20 cm 

Burners Iron powder 10 g 

Stopper (two holed) 

Stoppers (one holed) 2 
Bent tubes 2 

Glass tube (0.5 x cm x 30) 

Splinter 
Trough 
Gas jar 
Beehive shelf 



Fig, 6.2 Action of steam on metals 





Procedure 

Set up the apparatus as shown in Fig. 6.2. Rub a piece of magnesium libbon 
(about 15 cm) with sand paper until it is blight and shiny, Place it in the form of 
a coil in the middle of the hard glass tube. 

Boil the water gently. Warm the glass tube so that steam does not condense 
when it enters the hard glass lube, When all the air has gone out of the tube, invert 
the gas jar filled with water over beehive shelf kept in a trough filled with water 

Heat the magnesium ribbon and pass the steam slowly. Let the students observe 
what happens to the magnesium and in the gas jar Test the gas collected in the jar 
with a burning splinter to show that the gas collected is hydrogen. Explain the reaction 
involved. 

Cool the glass tube after removing the delivery tube, clean and dry it, Repeat 
the experiment using iron powder in place of magnesium, 

6.9 Hydrogen peroxide 

Mention the importance of this substance as an oxidizing agent. Explain its uses. 
Important reactions of hydrogen, peroxide can be introduced through experiment 15. 


Experiment 15 : Reactions of hydrogen peroxide 

Time required : 40 minutes, 

1. Dilute sulphuric acid is to be prepared by diluting the concentrated acid 10 
times, (Caution : acid should be added slowly to water and not water 
to acid). 

2. Other solutions (excepting potassium permanganate solution) should be 
about 2% strong. 

3. Potassium permanganate solution should be about 0.1% strong 

4 1 . Hydrogen peroxide solution is to be prepared by diluting the commercially 
available (10 volume) solution ten times. 

5. A Kipp’s generator may be used for preparing hydrogen sulphide As an 
alternative, a mixture of powdered sulphur with scraped paraffine wax (1.3) 
may be heated in a test tube fitted with a delivery tube to generate hydrogen 
sulphide. The reaction ceases as soon as heating is slopped. 
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The black precipitate (PbS) turns white due to the formation of lead sulphate 
(PbS0 4 ). 

H a O a (l)-- H 2 0 (1) + f 0 2 (g) 

PbS (s) + 2 0 2 (g)--> PbS0 4 (s) 

When hydrogen peroxide is added to acidified potassium iodide solution, a dark 
brown precipitate of iodine is formed. 

HA (1) + 2 I'(aq) + 2 Ii + (aq)-■+ I a (s) + 2 H 2 0 (1) 

When hydrogen peroxide is added to an acidified solution containing iron (II) 
ions (colourless or pale green), the solution turns yellow due to the formation of iron 
(III) ions. 


Fe++(aq) + H 2 O s (1) + 2 H+ (aq)-> Fe+++(aq) + 2 H s O (1) 

When hydrogen peroxide is added to acidified potassium permanganate solution, 
the latter is decolourised. 

5 HA (1) + 2 Mn<V(aq) + 6 H+(aq) 

-2 Mn++ (aq) + 5 0 2 (g) + 8 H 2 0 (1) 

When manganese dioxide is added to hydrogen peroxide there is a brisk evolution 
of oxygen gas, If a glowing splinter is introduced into the test tube the splinter bursts 
into flame. 


MnOg (s) + HA (1) + H 2 S0 4 (1) 

-* MnS0 4 (aq) + 2 H 2 0 (1) + 0 2 (g) 
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BACKGROUND INFORMATION 

6.1 Hydrogen 

Isolopes of hydrogen 

Three isotopes of hydrogen are known. Their structures are given below 



Ordinary hydrogen or protium, ^H, vastly predominates in a sample of naturally 
occurring hydrogen. 

1 

Deuterium, li, denoted by the symbol D, is present m ordinary hydrogen to 
the extent of one part in about six thousand parts. It can be separated from protium 
by the method of gaseous diffusion or it can be made from deuteiium oxide. D 2 0, 
which is commonly known as heavy wateu The latter is obtained by the electrolysis of 
dilute aqueous solutions of acid when the hydrogen ions are preferentially discharged 
at the platinum cathode. By repeatedly adding fresh water and electrolysing, it is 
eventually possible to produce deuterium oxide of any desired concentiation. 

Heavy water is important as a moderator in atomic reactors and is widely used 
for this purpose in atomic powered submarines and surface vessels, Its physical 
properties are compared with those of water in Table 6.1. 


Tabic 6,1 Properties of water and heavy water 


Property 

Water 

Deuterium oxide 

Melting point, °C 

0 

3.8 

Boiling point, °C 

100 

101.4 

Density, g/ml 

1.00 

1.11 

Maximum density at 

4°C 

11.6°C 
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1 

The third isotope of hydrogen, winch is known as tritium, H, is present only i n 

traces in ordinary hydrogen, but it can be made artificially, However, it is radioctive 
and decays by ft emission [to helium) with a half-life of about 12 years. 

The isotopes of hydrogen differ noticeably in their physical properties owing to 
the large percentage difference in their masses, but they are very similar chemically. 
Deuterium is slightly less reactive than hydrogen, 

6.2 Oxygen 

The fact that oxygen exists in two molecular forms has already been mentioned, 
and the properties of the ordinary form, consisting of 0 2 molecules, have been dis¬ 
cussed. We have also considered the properties of the less common variety-ozone, the 
molecular formula of which is 0 3 , Different forms of the same element existing in the 
same physical state are known as allotropic modifications, or simply as allotropes. Allotropy 
results from the possibility that the atoms or molecules of an element can sometimes be 
arranged so as to attain reasonably stable configurations in more than one way, It is 
exhibited by a number of elements, especially nonmelals. 

Two crystalline allotropes of carbon are known, diamond and graphite. In 
addition other forms of carbon exist, known collectively as amorphous carbons which, 
in fact, are microcrystalline in structure. Three allotropes of tin-grey tin, white tin and 
rhombic tin are known, Phosphorus exists in several allotropic forms of which the 
white (or yellow) and the red forms are better known. Several forms of sulphur are 
also known, 

6.5 Water 

The three slates of water 

The three physical states of water are steam (gas), water (liquid) and ice (solid), 
They are chemically identical. Because of its small molecular weight (18) water 
would be expected to be a gas at ordinary temperature. The fact that it is liquid at 
ordinary temperatures indicates that water molecules probably form groups of many 
HgO units. This will be clear from the following discussion: 

It has already been noted that water is a polar molecule because the electrons are 
attracted more towards the oxygen atom making it negatively charged with respect to 
hydrogen atoms which become slightly positively charged. Since opposite charges 
attract, an attractive interaction between (he positively charged hydrogen of one water 
molecule and the negatively charged oxygen of a neighbouring water molecule takes 
place forming what is called a hydrogen bond. 

Studies have shown that water molecules in ice are arranged in such a way that 
each oxygen atom has four hydrogen atoms as its neighbours, two attached by strong 
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covalent bonds (that is, by shared electrons) and two more by the weaker hydrogen 
bonds. Such an arrangement leads to a tetrahedral structure having relatively large 
empty spaces in it (Fig. 6.4). 



When ice is melted, the energy supplied in the form of heat breaks some of 
the hydrogen bonds in ice and the molecules come dose together. Thus, water has a 
greater density than ice and this is why ice Boats on water. 

In liquid water also, there is considerable hydrogen bonding thus making water 
an associated liquid. When water is heated, the energy supplied in the form of heat 
starts breaking the hydrogen bonds This process continues till, at 100°C, all the 
hydrogen bonds break down and separate water molecules are formed. 

Water as a solvent 

Water is a universal solvent. It dissolves many substances. There are hardly 
any substances which it will not dissolve, atleast in a minute quantity. It is, therefore, 
rather difficult to keep it pure, Sea water has almost all the elements found on earth 
in larger or smaller quantities. Water is relatively inert. This fact is very 
important biologically, as nutrients can be conveyed, in an unaltered form, to the site 
where they are needed. Blood plasma, lymph and all other body fluids are essentially 
aqueous solutions, carrying food to the cells and tissues, or bringing back waste pro¬ 
ducts to various organs from where they can be excieted. 
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Water of hydration ~ deliquescence and ejjlorescence 

Many salts combine with water to form hydiates. This phenomenon, known 
as hydration, results in the formation of solids such as CuS0 4 .5H s O; MgS0 4 .7H 2 0 and 
Na 2 CO 3 .10H 2 O, Sometimes a single salt forms a series of hydrates, as for instance, 
GaCl 2 .H 2 0; CaCI 2 .2H 2 0. CaCl 2 .4H 2 0, and ClaGl2,6H 2 0. The water molecules are 
weakly bonded to the metal ions in the salts. 

Hydrates have a definite tendency to lose, under certain conditions, their water 
of hydration. When the vapour pressure of watei in a hydrate is greater than the 
partial pressure of water in the atmosphere, the hydrate tends to lose the water of 
hydration. It is said to be cfjlouscmg or spontaneously dehydrating. 

Some anhydrous salts absoib moisture from the atmosphere to form a hydrate, 
and then continue to absorb moisture till, finally, the hydrate dissolves. A substance 
that absorbs water vapour till it goes into solution is said to deliquesce. The process 
itself is known as deliquescence. Anhydrous calcium chloride is a typical deliquescent 
substance, It absorbs water vapour iiom the atmosphere to form the hydrate 
CaGl 2 ,6H 2 0 and then forms the solution, It is often used m the laboratory for removing 
moisture in desiccators. 

Substances which absorb moisture are said to be hygroscopic All deliquescent 
substances are hygroscopic, buL all hygroscopic substances are not deliquescent. 
Powdered salt, Quor, etc , are hygroscopic to some extent, but they are not deliquescent 
as they do not absorb enough water to form a solution, 

Quest for water 

Man has found many ways to remove salt from seawater but the problem is how 
to do this economically. This aspect has been engaging the attention of authorities 
throughout the world, especially in areas where water for human and industrial 
consumption is not easily available. 

One of the recent approaches is to produce steam at higher temperature and 
pressure, use it for generation of electrical power and extract from the power station 
low temperature steam which after condensation would yield desalinated water. 

In effect, large scale desalination will have to be done at dual purpose plants 
producing both electricity and water. Waste seawater from distillation plants is richer 
in salts and may be used for their recovery to make water still cheaper. Such plants 
can, of course, be operated by both conventional and nuclear Tuels. The use of nuclear 
energy, however, seems more advantageous, especially for very large plants Conven¬ 
tional sources of energy may be more attractive in certain circumstances, but current 
thinidng is mostly in favour of combining desalination units with nuclear units produc¬ 
ing electricity. However, research to uncover new desalting processes is still going on 
all over the world. 
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6,6 Hardness of water 
Ion - exchange resins 

Ion exchange resins are generally organic substances of a complex structure. 
They are made of chains of carbon atoms or of carbon and nitrogen atoms to'which are 
attached groups such as sulphonic gioup, S0 3 H, or the amino group, —NH 2 . 

There is a considerable cross-linking of the chains such that the whole structure 
of the resin is a complex three-dimensional net woik. These resins are capable of 
exchanging their ions with similarly charged ions from the solution, and hence the name 
ion exchange lesins Depending upon the nature of the group attached to the chain, 
these resins are broadly divided into two types . 

(a) Cation exchange resins contain the groups — GOOH or —S0 3 H and 
interchange positively charged ions (cations) 

(b) Anion exchange resins conlain the group —NH a and interchange negatively 
charged ions (anions). 

The commercial names of some of the resins are DOVVEX 50, AMBERLITE 
IR— 120 (cation exchangers) and DOWEX No. 2, AMBERLITE IR— 4B (anion 
exchangers). 

If a cation exchange resin is immersed in a solution containing cations such as 
Na + or K + , some of the hydrogens of the acidic groups of the resin will be exchanged 
for the cations in the solution. Cations such as Ca 2+ or Fe 3+ will require two or 
three carboxylic groups or sulphonic acid groups on the resin, The interaction between 
the ions on the resin surface and those in the solution is an equilibrium process and may 
be represented by the following equation 

R H+ + Na+ ^ R.Na + + H+ 

where R represents the surface of the resin (RCOO - ; RS0 3 ") if the resin is stirred with 
a solution containing Na+ ions, an equilibrium is eventually established with as many 
H + ions being given off by the resin as are taken up by it Similarly for the Na+ ions 
added to the solution from outside, some of them will be exchanged for more Ii + 10 ns 
on the resin until equilibrium is established again. Similarly the H + ions added to the 
solution will be exchanged in part for Na + ions on the resin. 

Anion exchange resins are similar to cation exchange resins, They are capable 
of exchanging OH." or Cl" ions present on their surface for any other anions in the 
surrounding solutions, If an anion exchange resin is left in contact with a solution, an 
equilibrium will establish itself just as in the case of cation exchange resins. 
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(a) Softening hard water by ion exchange resins. 

When hard water, whether temporary or permanent, is passed over an ion 
exchange resin, calcium and magnesium ions lake their place on the resin while sodium 
ions from the resin go into solution. Permutit is a well known natually occurring 
ion-exchange resin used industrially and in the laboratory, 

Galcium _|_ Sodium _ , Sodium , Calcium 

sulphate permutit ^ sulphate permutit 

In this method softening is most conveniently done by passing haid water through 
a column filled with the lesm. Once the resin has given up its supply of sodium ions, 
it cannot soften water further. However, it can be regenerated by percolaLing 
concentrated solution of sodium chloride through the resin whereby the above mentioned 
reaction is reversed. 

Calcium + Sodium _ Galcium , Sodium 

permutit chloride ^ chloiide + permutit 

In this way, the same resin can be used again and again. 

(b) Other methods of softening hard water 

One of the newer methods of softening water depends on the use of sequestering 
agents (agents which tie up metal ions and prevent their precipitation while the water 
is being used). Two such agents are sodium hexametaphosphate , (Na 6 P 6 0 18 ,) and 
ethylenediaminetetracelic acid, EDTA. A preparation using (Na e P 6 0 18 ) is sold under the 
trade name of calgon. 
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Quiz 

Each question is followed by four answers. One of them is correct. Choose 
the correct answer and indicate it in the brackets provided. 

1 . The gas used in the hardening of oils is ( ) 

(a) oxygen (b) nitrogen 

(c) hydrogen (d) carbon dioxide. 

9 Water gas is obtained by passing steam over ( ^ 

(a) rtd hot iron (b) heated aluminium 

(c) heated copper (d) red hot coke. 

3. Water gas is used in the manufacture ol ( \ 

(a) carbon monoxide (b) hydrogen 

(c) oxygen (d) nitrogen. 

4, In the manufacture of hydrogen from water gas the 

^ catalyst used is ( \ 

(a) manganese dioxide (b) finely divided nickel 

(c) sand (tlf iron (III) oxide 

mixed with chromium 
(III) oxide. 


5, Consider the following reactions for the preparation of 

hydrogen, ( ) 

(a) 3 Fe(s) + 4 H 2 0(g) > Fe 3 0 4 (s) + H 2 (g) 

(b) 2 H 2 0(g) + C(s) —+ 2H 2 (g) + C0 2 (g) 

(c) Zn(s) + 2 HCl(aq) —+ ZnCl 2 (aq) + H 2 (g) 

(d) 2 Na(s) + 2 HOH(l) —+ 2NaOH(aq) + H 2 (g) 

(i) The most important industrial prepaiation of hydrogen 

gas represented in one of the above reactions is ( ) 

(a) reaction (a) (b) reaction (b) 

(c) reaction (c) (d) reaction (d). 
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(ii) The reaction which represents the general method of 
preparing hydrogen in the laboratory is 

(a) a (b) b 

(c) c (d) d. 

(iii) The reaction in which salL is also produced in addition 
to hydiogen is 

(a) a (b) b 

(c) c (d) d. 

(iv) The reactions in which an oxide is pioduccd in addition 
to hydrogen gas are 

(a) a and d (b) b and c 

(c) a and c (d) a and b- 

'*6. In the laboratory method of preparation of hydrogen, 
an. acid reacts with 

(a) the metal, iron or zinc 

(b) the metal, sodium or potassium 

(c) the halogen, chlorine or bromine 

(d) the metal, copper or silver. 

J l. Hydrogen and oxygen readily combine 

(a) at room temperature 

(b) only when warmed 

(c) only when exposed to sunlighL 

(d) when ignited by a spark. 

8^ When steam is passed over hot iron the gas obtained is 
(al hydrogen (b) oxygen 

(c) carbon (d) carbon monoxide. 

9, When hydrogen reacts chemically with nonmetals its 
atoms attain a stable electronic configuration similar 
to that of 


(a) radon 
(c) argon 


(b) helium 

(d) xenon. 



10. Hydrogen combines with chlorine explosively to form 
hydrogen chloride when 

(a) kept in darkness 

(b) exposed to diffuse day lighL 

(c) cooled 

(d) exposed to bright sun light. 

11. Oxygen readily forms compounds with every element 
except 

(a) the halogens (b) the alkali metals 

(c) the heavy metals (d) the noble gases. 

12. The number of valence electrons in oxygen atom is 

(a) 2 (b) 4 

(b) 6 (d) 8 . 

13. An example of a covalent oxide which is neutral to 
litmus is 

(a) sulphur dioxide (b) carbon dioxide 

(c) hydrogen chloride (d) water. 

14. Sodium is a good reducing agent because 

(a) it is a metal 

(b) it is soft 

(c) it tends to lose an electron readily 

(d) it has a relatively low melting point. 

15. In the reaction between magnesium and oxygen to form 
magnesium oxide 

(a) magnesium oxidizes oxygen to the oxide ion 

(b) oxygen reduces magnesium to magnesium ion 

(c) magnesium and oxygen are both oxidized 

(d) magnesium is oxidized to magnesium ion. 



16. An example of a neutral oxide Is ( 

(a) carbon monoxide (b) sulphur dioxide 

(c) sodium monoxide (d) carbon dioxide. 


17. Consider the reaction 
HgO(s) + Hj(g) 


Hg(l) + H 2 0(g) 


(i) The substance that has been reduced is 
(a) HgO (b) H a 

(c) Hg (d) HjO. 

(ii) The substance that has been oxidized is 
(a) HgO (b) H 2 

(c) Hg (d) H 2 0. 

1J. In the reaction 2 K(s) + Cl 2 (g) —h 2 KCl(s) the 
oxidizing agent is 

(a) potassium (b) chlorine 

(c) potassium ion (d) chloride ion. 


19. Fe ++ ion on complete reduction gives ^ 

(a) Fe atom (b) Fe+ ion 

(c) Fe+ 3 ion (d) Fe+ 4 ion. 

20, When sodium burns in chlorine, chlorine is ( 

(a) oxidized (b) reduced 

(c) neither oxidized (d) acts as a reducing agent, 

nor reduced J ° 

21 An example of the element which exhibit? phenomenon 
of allotropy is , 


(a) hydrogen 
(ty' oxygen 


(b) nitrogen 
(d) sodium. 
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22. Which of tile following does not represent a pair 
allotropes ? 

(a) hydrogen - deuterium 

(b) oxygen - ozone 

(c) red phosphoius - white phosphoius 

(d) rhombic sulphur - monochnic sulphur. 

2'h Oxygen and ozone are 

(a) isotopes 

(b) allotropes 

(c) reducing agents 

(d) combustible substances. 

24. Ozone turns 

(a) red litmus paper blue 

(b) potassium dichromate paper green 

(c) starch iodide paper blue 

(d) starch paper blue 

25. Sterilization of water is done by adding 

(a) bleaching powder 

(b) sodium carbonate 

(c) aluminium sulphate 
(dj sodium bicarbonate. 

2(3 Hardness of water is caused by 

(a) Na+ ions 

(b) K+ ions 

(c) Ca+ + and Mg ++ ions 

(d) any metal ions. 

21. Temporary hardness of water is removed by adding 

(a) slaked lime'in excess 

(b) slaked lime in requisite amount 

(c) sodium bicarbonate 

(d) magnesium bicarbonate. 



28. Permanent hardness of water is removed by ( ) 

(a) boiling 

(b) adding slaked lime 

(c) adding washing soda 

(d) adding baking soda. 

29. Water contains hydrogen and oxygen in the volume 

^ ratio of ( ) 

(a) 1:1 

(b) 1:2 

(c) 2:1 

(d) 2:3 

V‘ 

30. An example of the reducing action of H 2 0 2 is ( ) 

(a) liberation of Ig from acidified KI solution 

(b) decolounsation of acidified ICMn0 4 to liberate O l 

(c) converting iron (II) salts into iron (III) salts 

(d) changing black lead sulphide to while lead 
sulphate. 
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Some Chemical Families 
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INSTRUCTION MATERIAL 


Introduction 

The purpose of this chapter is to show that elements with similar properties 
can be grouped to form a chemical family. This similarity in properties of elements 
in a family can be correlated to their electronic configurations. Only three such 
families viz., noble gases, the halogens and alkali metals have been taken up for study 
in this chapter. 

Outline 


1 . 

Noble gases 

(7.1) 

2. 

Halogens 

(7.2) 

3 

Alkali metals 

(7.3) 

4. 

Electronic configuration and similarity 



of properties 

(7.4) 


Concepts 

The propei ties of elements depend on their electronic configurations. 
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Development 
7.1 Noble gases 

Recall that air contains besides oxygen, nitrogen, carbon dioxide and traces 
of water vapour, minute quantities of neon, argon, kiypton, xenon and helium, called 
noble gases. Exhibit the tubes filled with these gases. Let the students note that 
these gases are colouiless They produce tharacLerisLic colours when an electric 
discharge is passed through them. 

Demonstration I : Discharge of electricity through noble gases 

Time required : 10 minutes 

Materials required 

Accumulator or battery (12 V) 

Induction coil 
Rheostat 
Switch 

Connecting wires 


Sealed discharge 
tubes of helium 
and neon 


Procedure 

Set up the arrangement as shown in Fig 7 1. Connect the discharge tube 
containing helium gas to the secondary terminals of the induction coil, Put the switch 
on and let the students observe and record the characteristic pink colour produced by 
the helium gas Repeat the procedure with the tube containing neon gas. Let the 
students observe and record the crimson red colour produced by the neon gas. 

Point out to the students the use of these gases particularly the neon signs for 
advertisement purposes In actual practice mixLures of these gases are generally used 
to give different shades of colour. 

Recall the burning of magnesium in air and point out that the products obtained 
are MgO with a little Mg 3 Na. The noble gases present in the air do not react with 
magnesium even at high temperature. 

It is observed that air free from carbon dioxide and moisture, when subjected to 
electric sparks (2500-3000°C) yields nitric oxide The residual gas left after the 
reaction, mainly contains noble gases These two experiments indicate that the noble 
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gases are chemically inert, 
prepared recently. 


However, compounds of xenon and krypton have been 



Fig. 7.1 


Discharge of electricity through noble gases 


7.2 Halogens 

Discussion on halogens can begin with Demonstration II. 

Demonstration II, Reactions of halogens 


Time required : 1^ hours 

Materials required 

Gas collecting jars 
with glass plates 18 

Glass rod 

Deflagrating spoons 2 

Water bath 


Jars filled with chlorine, 
bromine, iodine, hydrogen 
and hydrogen sulphide 

Sodium 

Potassium permanganate 
Concentrated hydrochloric 
acid 

Zinc pieces 
Iron (II) sulphide 
Dilute hydrochloric acid 
Aqueous ammonia 
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Bromine 

Iodine 

Litmus papers 
Starch paper 

(i) Before starting the demonstration, fill the gas jars (4 each) with chlorine, 
bromine (about 2 drops in each) and iodine (about 0.2 g in each). It is 
better to warm the gas jars containing iodine by keeping them on a hot water 
bath so that the violet vapours of iodine can be clearly seen. 

(ii) Keep three jars filled with hydrogen. 

(iii) Keep three gas jars filled with hydrogen sulphide. Prepare hydrogen sul¬ 
phide in a Kipp’s apparatus using iron (II) sulphide and dilute hydrochloric 
acid. Collect the gas in gas jars by upward displacement of air. 

Procedure 

(1) Exhibit to the students the jars containing halogens and ask them to record 
the colour of each. 

Chlorine - Greenish yellow 

Bromine - Reddish brown 

Iodine - Violet 

(2) Introduce moistened litmus papers (red and blue) into one of the jars of 
chlorine, bromine and iodine. Let the students note the change in the colour 
of litmus. Elicit from the students that chlorine bleaches litmus readily. In 
bromine the bleaching is slow and in iodine least. 

(3) Repeat the above test with starch paper. Let the students conclude . that 
starch paper turns blue only in the jar containing iodine vapour. 

(4) Place a small piece of sodium on the deflagrating spoon and plunge it into a 
jar of chlorine. Let the students note the vigour of the reaction. Let them 
also observe that the colour of chlorine will disappear with the formation of 
sodium chloride. 

Repeat the above test with bromine and iodine. Let the students note that 
the reaction is not appreciable in cold, Now warm the sodium metal and introduce 
it into the jars of bromine and iodine. 

In bromine the reaction is slow while in iodine it is much more so. Elicit 
from the students that reactivity decreases from chlorine to bromine to iodine. 

Precaution s Any unreacted sodium left on the deflagrating spoon should be des¬ 
troyed by plunging it in a trough of cold water (care !). 
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(5) Invert the jars of chlorine, bromine and iodine simultaneously over three jar$ 
of hydrogen (cautionl in the case of chlorine avoid direct exposure to sunlight 
since there is a danger of explosion). Let the students observe the disappea¬ 
rance of the colour of the halogens in each case. Colour disappears first in 
chlorine, then in bromine and then in iodine. Test the products formed in 
each case by introducing a glass lod dipped in ammonia solution. White 
fumes are observed more in chlorine, less in bromine and no fumes are 
observed in iodine. 


(6) Invert three jars of hydrogen sulphide over three jars of chlorine, bromine 
and iodine. Let the students note the disappearance of the colour and the 
deposition of the pale yellow precipitate of sulphur on the sides of the gas 
jars. Elicit from the students that more sulphur is deposited in the case of 
chlorine, less in bromine and least in iodine. 

Now the students can perform experiment 16. 


Experiment 16 : Some reactions of aqueous solutions of chlorine, 
bromine and iodine 

Time required « 1 hour 

The solutions required for this experiment are prepared as follows : 

Chlorine solution : Pass chlorine gas through distilled water till the solution smells 
distinctly of chlorine. 

Bromine solution : Dissolve 1 ml of bromine m 200 ml of distilled water. 

Iodine solution : Dissolve about 0.25 g of solid iodine in 50 ml of ethyl alcohol and 
then dilute to 350 ml with distilled water. 

Iron (II) sulphate solution ; Iron (II) sulphate is easily oxidized in air. Iron (II) 

ammonium sulphate (Mohr’s salt) is comparatively 
more stable- So prepare a solution of Mohr’s salt by 
dissolving 4 g of the salt in 1 litre of distilled water 
using 10 ml dilute sulphuric acid. 

Ammonium thiocyanate solution, Dissolve 1 g of ammonium thiocyanate, NH 4 CNS, 

in 100 ml of distilled water. 
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Hydrogen sulphide solution ■ Prepare an aqueous solution of hydrogen sulphide by 

bubbling the gas through distilled water until the solu¬ 
tion smells distinctly of the gas. However, this solution 
does not keep for long. 

Starch paper : Boil about 100 ml of water and add to it slowly with stirring a paste 
of 1 g of starch (soluble) with a few ml of water. After addition con¬ 
tinue heating for abouL 5 minutes and then allow it to cool, Dip fil¬ 
ter papers in this solution and dry in air. 


Results are given in the following table : 


Reaction 

Chlorine 

solution 

Bromine 

solution 

Iodine 

solution 

1. Colour 

Greenish 

yellow 

Reddish 

brown 

Brown 

Smell 

Irritating 

Irritating 

Irritating 

Litmus 
papers and 
petals of 
flowers 

Bleaching 
action is 
quick 

Bleaching 
action is feeble 

Almost 

Nil 

Starch 

paper 

No action 

Turns yellow 

Turus blue 

2. Carbon tetra¬ 
chloride 

Very pale 

greenish 

yellow 

Orange 

red 

Violet 

3. Iron (II) ammo¬ 
nium sulphate 
and ammonium 
thiocyanate 

Deep blood 
red colour 

Red colour 

Very light 
pink colour 

4. Hydrogen sul¬ 
phide solution 

White preci¬ 
pitate of sul¬ 
phur on standing 

White preci¬ 
pitate of sulphur 
on standing 



Postlab discussion 


Elicit from the students the following ■ 

(i) Iron (III) sulphate gives red colour with ammonium thiocyanate solution but 
iron (II) sulphate does not; but on addition of chlorine solution a deep blood 
red colour is produced. This is due to the oxidation of iron (II) to iron (III) 
by chlorine. 
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(ii) On repeating the experiment with bromine solution, a red colour is produced 
but with less intensity. 

(iii) On repeating the experiment with iodine solution, very light pink colour is 
produced. 

chlorine > bromine > iodine. 

Questions and answers : 

1. Write ionic equations for the reactions of chlorine, bromine and iodine with 
iron (II) sulphate and hydrogen sulphide. 

1. X 2 (aq) + 2 Fe++ (aq) — 2 Fe+++ (aq) + 2 X'(aq) 

2. X 2 (aq) + S" (aq) —> 2 X“ (aq) + S 

where X = Cl or Br 

2. Name a colour test given by iodine but not by chlorine. 

Starch solution turns blue when treated with iodine. 

I 

3. Carbon tetrachloride, when shaken with bromine and iodine solutions, be¬ 
comes coloured. Why ? 

Bromine and iodine dissolve readily in carbon tetrachloride. 

Now Demonstration III may be taken up to show the reactivity of halogens. 

Demonstration III : Reactivity of halogens 
Time required : 10 minutes 

Materials required 

Chlorine generator Potassium permanganate 

Glass tube (1X2 cm) Concentrated hydrochloric acid 

Cotton wool: Potassium bromide solution (5%) 

Potassium iodide solution (5%) 
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Before starting the demonstration keep the assembly of apparatus as shown 
in Fig. 7.2 ready, 



Fig. 7.2 Reactivity of halogens 

Procedure 

Place a wad of cotton wool soaked in potassium bromide solution at one end 
of the glass, tube and another soaked in potassium iodide at the other end. Allow 
chlorine gas to pass into the tube. Elicit from students how brown fumes of bromine 
are liberated from the first wad of cotton wool. Let them also observe that the second 
turns brown due to the liberation of iodine. Point out that chlorine displaces bromine 
from potassium bromide and bromine displaces iodine from iodide. Arrange the 
three elements in order of reactivity. 

Now the students can proceed to perform experiments 17 and 18. 

Experiment 17 : Some reactions of chloride, bromide and iodide ions. 

Time required : 1J hours 

Silver nitrate solution : Prepare 2% silver nitrate solution using distilled water. 

Starch iodide paper; Prepare by dipping filter papers first in potassium iodide solu¬ 
tion (5%) and then in starch solution, 

Lead nitrate solution : Prepare a 5% lead nitrate solution in distilled water. 

The results, are given in the following table : 
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NaCl 


KBr 


KI 


Reagent 


1. Cone. H 2 SC >4 


Smell 

Glass rod 
moistened 
with ammonia 

Starch paper 

Starch iodide 
paper 

Moist blue lit¬ 
mus paper 

2. Mn0 2 and 
cone. HaSO + 

Glass rod 
dipped in 
aq. ammonia 

Starch paper 

Starch iodide 
paper 

Moist litmus 
papers 

3. Silver nitrate 


Addition of 
dil. HNOj to 
the precipitate 

Addition of 
aq. ammonia 

4 Lead nitrate 

Precipitate+ 
boiling water 


Colourless gas 
(HC1) 

Pungent 

Dense white 
fumes 

No change 

Turns red 

Greenish yellow 
gas (chlorine) 

i 

White fumes 

Turns blue 

Decolourised (both 
red and blue) 

Curdy white 
precipitate 

Insoluble 

Soluble 

White precipitate 

Soluble; reprecipi¬ 
tated on cooling 


Colourless gas 
(HBr) followed by 
reddish brown 
fumes of bromine 

Choking 

White fumes 

• 1 i 

Turns yellow 
Blue 

Turns red 

Reddish brown 
fumes (bromine) 

Turns yellow 
Turns blue 

Decolourised 

slowly 

Pale yellow 
precipitate 

Insoluble 

Soluble with 
great difficulty 

White precipitate 

Soluble; reprecipi- 
I tated on cooling 


Colourless gas 
(HI) followed by 
violet fumes of 
iodine 

■ ■ i 

Choking * u 


Turns red 


Violet fumes 
(iodine) 


.Turns blue 
Turns blue 


No change 


Yellow precipitate 


Insoluble 


Insoluble 


Yellow precipitate 

Soluble; on cooling 
golden yellow 
spangles 



Postlab discussion 

The students should be advised not to smell chlorine, bromine and iodine 
vapouri. 


Sodium chloride when heated with concentrated sulphuric acid in the presence 
of manganese dioxide yields chlorine gas. However, some hydrogen chloride gas 
may remain unoxidized. This causes some white fumes when a glass rod dipped 
in aq. ammonia is brought near the gas. 


While testing the solubility of lead halides in water, the students may be asked 
to take a small amount of the precipitate and proceed. 


Point out to the students that precipitation of halides with silver nitrate solution 
will serve as a test for the detection of halide ions. 


Emphasise that the halides of lead are soluble in hot water and are reprecipi¬ 
tated in crystalline form on cooling. 

Experiment 18 : Reactivity of chlorine, bromine and iodine 
Time required : 40 minutes. 

5 per cent solutions of KC1, KBr and KI to be used. 

Aqueous solutions of halogens to be prepared as in experiment 16. 
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Reagent 


KG1 solution 


KBr solution 


Kl solution 




1 

1, Chlorine solution 

No colour change 

Brownish yellow 
due to the libera¬ 
tion of bromine 

Reddish brown due 
to the liberation of 
iodine 

Addition of car¬ 
bon tetrachloride 
to above 

No change 
(light greenish 
yellow due to 
chlorine solution 
added) 

Red globule 

Dark violet globule 

2. Bromine solution 

No change 
(yellow colour 
due to bromine 
solution added) 

No change 
(yellow colour 
due to bromine 
solution added) 

Light brown due to 
the liberation of 
iodine 

Addition of car¬ 
bon tetrachloride 
to above 

No change 
(red globule due 
to bromine solu¬ 
tion added) 

No change 
(red globule due 
to bromine solu¬ 
tion added) 

Violet globule due 
to iodine 

3. Iodine solution 

No change 
(brown due to 
iodine solution 
added) 

No change 
(brown due to 
iodine solution 
added) 

No change 

(brown due to 
iodine solution 
added) 

Addition of car¬ 
bon tetrachloride 
to above 

No change 
(violet due to 
iodine solution 
added) 

No change 
(violet due to 
iodine solution 
added) 

No change 

(violet due to 
iodine solution 
added) 


Fostlab discussion 

It may be mentioned that the solubility of halogens in carbon tetrachloride is 
more than that in water. Therefore, when carbon tetrachloride is added to aqueous 
solutions of halogens, the halogen is preferentially transferred tothecarbon tetrachloride 
layer imparting characteristic colour. 

Point out to the students that chlorine displaces bromine from potassium 
bromide and iodine from potassium iodide, Bromine displaces only iodine from potas¬ 
sium iodide. Iodine does not displace either chlorine or bromine. Thus chlorine is the 
most reactive and iodine is the least. 

Answer to Question 

Based on your observations, arrange the elements chlorine, bromine and 
iodine in the increasing order or their reactivity. 

Iodine < Bromine < Chlorine 
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7.3 The Alkali metals 


Now the properties of alkali metals may be taken up through Demonstration IV, 
Demonstration IV : Some properties of alkali metals 
Time required : 30 minutes 

Materials required 

Pen knife Bottle containing sodium and 

Watch glass potassium under kerosene 

Tongs Litmus papers 

Gas jars filled with chlorine-2 Filter papers 

Tiough 

Deflagrating spoon 

Before starting the demonstration, have two jars filled with chlorine as in 
demonstration II. 


Procedure 

(i) Take out a piece of sodium, dry to free of kerosene between the folds of a 
filter paper, keep it on the watch glass and cut it with the pen knife. Let the 
students observe (i) the ease with which sodium can be cut and (ii) the bright¬ 
ness of the freshly cut surface. Let them note the tarnishing of the surface on 
keeping it exposed to air. 

(ii) Warm a small piece (pea-size) of sodium on a deflagrating spoon and introduce 
it into the jar of chlorine. Gall the attention ol the students to the white 
deposit formed on the walls of the jar. 

(iii) Throw a small piece (CAUTION) into a trough of water. Gall the attention 
of the students to (i) the fact that the metal floats on water (indicating that 
its density is lower than that of water) and (ii) to the colour of the flame 
(blue) due to the burning of hydrogen liberated in the reaction. 


After the reaction is over, test the solution in the trough with litmus paper. 
Elicit from the students that the solution is alkaline as it turns red litmus paper blue. 

(iv) Repeat the above tests with potassium. 


Bring out clearly the similarity in the behaviour of sodium and potassium. 
If conducted under more controlled conditions (e. g. the area of surface of water, the 
surface of the metal piece and the temperature remaining the same), it is possible to 
bring out that potassium is more reactive than sodium. 


The students can now perform experiment 19. 
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Experiment 19 : Some reactions of alkali metal hydroxides 
Time required : 30 minutes 


Aqueous solutions of the following concentration may be used. 

1. Sodium hydroxide . 

5% 

L, Potassium hydroxide . 

... 5% 

3. Copper sulphate . 

... 2.5% 

4. Zinc sulphate . 

. ... 2.5% 

5. Magnesium sulphate . . .. 

. ... ".5% 

6. Ammonium chloride ... . 

. ... 2.5% 

7. Iron (III) chloride .. .. 

. ... 1% 


The results are given in the following table. 


Reagent 

Copper (II) 
sulphate 
solution 

Iron (III) 
chloride 
solution 

Zmc sulphate 
solution 

Magnesium 

sulphate 

solution 

NaOH 

Blue precipitate 

Reddish brown 
precipitate 

White 

precipitate 

White 

precipitate 

NaOH 
in excess 

Precipitate 

insoluble 

Precipitate 

insoluble 

Precipitate 

insoluble 

Precipitate 

insoluble 

KOH 

Blue precipitate 

Reddish brown 
precipitate 

White 

precipitate 

White 

precipitate 

KOH 
in excess 

Precipitate 
insoluble, on 
standing chan¬ 
ges to green and 
finally black 

Precipitate 

insoluble 

Precipitate is 
soluble 

Precipitate 

insoluble 


Both sodium hydroxide and potassium hydroxide on exposure to air absorb 
moisture and dissolve to form a solution. When ammonium chloride is heated with 
sodium hydroxidej ammonia gas with its characteristic smell is evolved. It turns red 
litmus paper blue, gives dense white fumes with a glass rod dipped in concentrated 
hydrochloric acid. Point out to the students that sodium hydroxide and potassium 
hydroxide liberate ammonia from any ammonium salt. 
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Answer to Question 

Explain what happens to sodium hydroxide when it is exposed to air. 

On exposure to air, sodium hydroxide absorbs moisture and dissolves in it to 
form a solution. Thus it is deliquescent. 

Before the students take up experiments 20 and 21 demonstrate the correct 
method of carrying out the flame test. 

Demonstration V : Flame colourations of sodium and potassium salts 
Time required : 10 minutes 
Materials required 

Platinum wire (5 cm long) Sodium carbonate 0.5 g 

Watch glass Potassium carbonate 0.5 g 

Glass rod Concentrated hydrochloric acid 

A thin platinum wiie about 5 cm. long, fused into the end of a short piece of 
glass tubing or glass rod which serves as a handle, is employed. 

Procedure 

First thoroughly clean the platinum wire by dipping it into concentrated 
hydrochloric acid, contained in a watch glass and then heating it in the non-burning 
part of the flame till no colour is imparted to the flame. 

Place a small quantity of the substance i. e. sodium carbonate on a watch 
glass, moisten with a little concentrated hydrochloric acid, (explain to the students 
that the salts are first converted to the chlorides, since the chlorides are the most 
volatile of the salts) and take a little of the substance on a clean platinum wire and 
introduce into the base of the nonluminous Bunsen flame. Observe the colour imparted 
to the flame. 

Clean the platinum wire and repeat the test with potassium carbonate. 

Metal Colour 

Sodium Golden yellow flame 

Potassium Lilac flame 

Recall to the students the colours of the sparklers which they might have lit 
up during Diwali. Mention to them that these colours are due to mineral salts barium 
(apple green), copper (blue): strontium (crimson), calcium (brick red), etc. 

The students now can perform experiments 20 and 21. 
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Experiment 20 : Some reactions of alkali metal salts 
Time required s 20 minutes. 

The results are given in the following table. 



Substances 


Sodium 

carbonate 

(washing 

soda) 

Sodium 

sulphate 

(anyhd- 

rous) 

Sodium 

nitrate 

Potassium 

carbonate 

Potassium 

sulphate 

Potassium 

nitrate 

Reactions 







1. Testing 
vapours with 
cobalt chlo¬ 
ride paper 

Turns 

pink 

No 

change 

No 

change 

Turns 

pink 

No 

change 

No 

change 

2. Testing with 
glowing 
splinter 


’ 

Rekindled 



Rekindled 

3. Aqueous solu¬ 
tion tested 
with litmus 
paper 

Turns 

blue 



Turns 

blue 




Experiment 21 ; Flame colourations of alkali metals. 

Time required : 15 minutes. 

The results are given in the following table. 


Metal salts 

Flame colouration 

Flame colouration 



through cobalt glass 

Sodium salts 

Golden yellow 

Nil 

Potassium salts 

Lilac 

Crimson 


In the procedure given in the laboratory manual, the students are directed to 
make a paste of sodium chloride in water. It should be pointed out to the students 
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that in the case of substances other than metal chlorides, the substance is to be treated 
with a few drops of concentrated hydrochloric acid and than the flame test carried 
out 

Pogtlab discussion. 

Point out to the students that the flame colour is due to the metal ions (cations) 
and not anions. Hence all sodium salts give the same characteristic golden yellow 
flame. All potassium salts give lilac flame. 

7.4 Electronic configuration and properties. 

The students may now be taught the text material under 7.4 to give the 
explanation for the similarity of properties in the group of elements so far described. 
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BACKGROUND INFORMATION 


7.1 Noble gases. 

The six elements that are not chemically active to any significant degree are 
called the rare or noble gas elements. These gases are helium, neon, argon, krypton, 
xenon and radon. Except argon, which is third in abundance among all gases in the 
atmosphere, they exist only in minute amounts (Table 7.1). Radon is a 
radiactive element, being created during the decay of radium and in turn decays into 
Radium-A (Po) with a half life of about 3.8 days. 

Table 7.1 Composition of Dry Air. 


Substance 

Per cent by volume 

N 2 

78 

o 2 

21 

Ar 

0.93 

co 2 

Varies - average 0.03 

h 2 

0.01 

Ne 

0.0018 

He 

0.0005 

Kr 

0.0001 

Xe 

0.0001 , , 


Each element, except helium, has eight electrons in the highest filled energy 
shell; two electrons are in the s subshell, and six are in the p subshell. Helium has a 
complete first energy shell with two electrons in the Is shell. There is no tendency 
for these elements to combine with one another, and they all exist as monatomic 
gases. 

Tbe discovery of the noble gases. 

Argon was the first of the noble gases to be isolated, The story begins with 
the experiments of Henry Cavendish; in 1785. He passed electric sparks through a 
mixture of oxygen and air in the presence of an alkaline solution. All of the 
nitrogen in the mixture was converted into the oxides of nitrogen and absorbed by the 
alkali, but a part of the air failed to be oxidized and absorbed. He estimated that 
after the removal of the excess of oxygen by alkali sulphides there still remained a 
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small residue of gas, amounting lo 1/120 of the original volume of the air. The 
residual gas differed from oxygen and nitrogen. In 1894- Lord Rayleigh during a 
systematic investigation on the density of gases found that the density of nitrogen, 
prepared from the atmospheric air, was slightly higher (about 0.5 per cent) than the 
density of nitrogen prepared chemically from its compounds. This led to the 
conclusion that the atmospheric nitrogen is not pure and probably contains some other 
constituents which are heavier than nitrogen. Sir William Ramsay continued the 
investigation. He passed the nitrogen obtained fiom air over red hot magnesium to 
find out whether or not it would be completely absorbed by combination with the 
metal to from magnesium nitiide. He found a residual gas, 1/80 of the volume of 
nitrogen used, which would not combine with any other element. The gas was about 
15/14 as heavy as the original nitrogen. When Ramsay examined the spectrum of 
this gas, he saw not only the bands of nitrogen but also groups of red and green lines 
never before observed in the spectrum of any gas. In August 1894, Ramsay and 
Rayleigh announced the discovery of the first inert gas, which they called argon, the 
lazy one. 

Helium, the lightest of the rare gages, was actually identified some years before 
the discovery of argon. It was first found in the sun. Its presence there was 
discovered by means of spectroscope. In 1868, the French astronomer Pierre Janssen 
came to India to observe a total eclipse of the sun and to make a spectroscopic study 
of its chromosphere. He noticed a yellow line that did not coincide with the D-line 
ol sodium. Later that year Sir Joseph Lockyer, the English astronomer, using a 
specially designed spectroscope, verified Janssen’s discovery. He found that this new 
yellow line did not belong to any element then known. Therefore he attributed this 
line to the presence of a new element in the sun, and named it helium from the 
Greek meaning “sun”. Helium occurs in certain radioactive minerals, 

Ramsay and co-workers isolated three other rare gases from liquid air samples 
between 1894 and 1898. These were named neon, from the Greek word for new; Kry¬ 
pton, from the Greek word for hidden; and xenon, from the Greek word for strange. 
The last of the rare gases to be discovered was radon. It was isolated as one of the 
radioactive disintegration products of radium, from which it was named. 

Isolation 

The noble gases are isolated from liquid air by fractional distillation. 

The boiling points of the various constituents of liquid air are given in table 7-2. 

Table 7.2 : The boiling points of the various constituents of liquid air 


Xenon . 

— 107.1°C 

Krypton . 

—152.9°C 

Oxygen . 

—1B2.9°C 

Argon , . 

-185.85°C 

Neon . 

—245.92°C 

Nitrogen . 

-195 7°C 

Helium . 

—268.87°C 
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Uses. 


Helium is preferred to hydrogen for filling balloons since there is no risk of 
explosion, Helium mixed with oxygen is used as artificial air in place of air for 
deep-sea divers. Helium is less soluble in the blood than is nitrogen, and is therefore 
more rapidly eliminated when the diver comes to the surface. Thus helium 
containing atmosphere prevents the formation of gas bubbles in the blood (the bends), 
which develop on rapid decompression. In metallurgy, particularly in welding 
metals like alumunium, magnesium or its alloys which have a tendency of getting 
easily oxidized helium and argon are largely used for the production of an inert 
atmosphere. 

Argon is used for filling tungsten electric-light bulbs, for it produces greater 
brilliance and prolongs the life of the bulbs. The familiar crimson glow of neon 
lighting is made by passing an electric discharge through a glass tube containing a 
small quantity of neon and mercury vapour at low pressure. Mercury vapour, neon, 
helium, and argon are used in this type of lighting both separately and in various 
combinations. Tubes containing krypton and xenon have been developed for use m 
high speed photography. 

Because of its radioactive property radon is largely employed in radio-therapy 
for treating malignant growths. It is used in the treatment of cancer. 

Compounds of noble gases. 

For many years attempts were made to combine the noble gases with other 
elements. The results were inconclusive. Finally in 1962, the element xenon was 
found to form a compound, xenon hexafiuoroplalinale. XePtF 6 , Since then, com¬ 
pounds of xenon and krypton have been prepared, e.g., xenon diiluoride, XeF 2 , 
xenon tetrafluoride, XeF 4 , xenon hexafluoride, XeF 6 , krypten difluoride KrF 2 , eje, 
(Table 7.3). 


Table 7.3. Some compounds of the noble gases. 


Compound 

KrF 2 

XeF 2 

XeF 4 

XeF 6 

Physical form 

Colourless crystals 

Same 

Same 

Same 

Melting point 

Sublimes below 

0°C 

140° 

m°c 

48°C 

Reactivity 

Decomposes 
spontaneously 
at room tempe¬ 
rature 

Reacts with 
water to form 

Xe and O 2 

Stable 

Stable 
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7.2 Sources of halogens. 

Fluorine does dot occur free in nature because it is highly reactive. The 
important fluorine containing minerals are fluorspar; CaF 2 , and cryolite, Na 3 AlFg. 
Fluorspar is the chief source of fluorine compounds. 

Chlorine, also being a reactive element, occurs in nature only in the combined 
state. It is found in combination with sodium, magnesium and several other metals. 
The most common compound is sodium chloride. Sea water contains about 2,5% by 
weight of sodium chloride, together with small amounts of other dissolved salts. 

Bromine is far less abundant than chlorine. It occurs in sea water in the form of 
the soluble bromides, NaBr, KBr and MgBr 2 in small amounts (less than 0.001 per cent) 
Certain marine plants and animals absorb it from sea water. So it is found in them 
in greater concentration, e.g., in sea weeds and oysters. Iodine also occurs as 
sodium iodate (NaI0 3 ) in Chile salt petre (NaN0 3 ), forming about 0.2 per cent of the 
total salt. Iodine also occurs in sea weeds. 


Preparation of the halogens. 

All the halogens except fluorine arc prepared by treating the halide ion with 
an appropriate oxidizing agent. The general reaction may be expressed by the follow¬ 
ing schematic oxidation - reduction equation, where X' represents the halide ion and 
X? the halogen. 


2H+ + 2 X- + 0 H 2 0 + X 2 


Among the oxidizing agents used are manganese dioxide, potassium permanga¬ 
nate, potassium chlorate, and nitric acid. Of these manganese dioxide is most com¬ 
monly employed. 

Flourine cannot be obtained directly by chemical methods due to its high 
reactivity. It is prepared by the electrolysis of a mixture of fused potassium hydrogen 
fluoride and anhydrous hydrogen flouride. The electrolysis is carried out in a copper 
vessel with graphite electrodes. Hydrogen flouride is non-conducting but when 
dissolved in fused potassium fluoride, it gives a conducting solution. Fluorine reacts 
with copper and forms a protective layer of copper fluoride on the surface. Fluorine 
is liberated at the anode and hydrogen at the cathode. 
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Uses of halogens 

Fluorine is used in the preparation of several useful compounds. Freon, 
CC1 2 F 2 , is used as a refrigerant because of its nonpoisonous and non-corrosive nature. 
Teflon, a polymer of tetrafluoroethylene, G 2 F 4 , is inert to chemical attack and so 
finds many applications. Hydrogen fluoride is used for etching glass. Fluorine in 
trace amounts is added to drinking water in some countries, as it helps protect dental 
enamel from premature decay. 


Chlorine is used in the manufacture of organic compounds such as 
chloroform and carbon tetrachloride. It is also used in the manufacture of plastics 
and synthetic rubber. Chlorine is used for sterilizing water. It is used as a bleaching 
agent. 


Large quantities of bromine are used to produce ethylene bromide, C 2 H 4 B 2 , 
which is added to petrol along with lead tetraethyl, Pb(CsHj) 4 , as an ‘anti-knock’ 
compound. During combustion, lead tetraethyl decomposes and forms lead deposits 
in the engine. The use of ethylene bromide prevents the formation of lead deposits. 
The bromine is also used in the preparation of silver bromide (a light-sensitive mate¬ 
rial) which is used in the preparation of photographic plates and films. 

The most important use of iodine is as an antiseptic. A solution of iodine in 
ethyl alcohol, known as “tincture of iodine” is marketed for domestic use Iodine is 
also used in the preparation of a number of metal iodides and organic compounds. 
Silver iodide is used in photography. 


General properties of the halogens 

The electronic configurations of these elements along with other properties are 
listed in Table 7.4. In all these elements the outermost shell contains seven electrons 
(s 2 p 6 ). Each of the halogens differs from the noble gas that follows it in the periodic 
system by having one electron less in its valence shell. 

Because of their high electronegativity, the halogens show practically no metallic 
properties, though solid iodine has a some what metallic appearance. Astatine, the 
heaviest member of the group may also have some metallic properties, but it is a short¬ 
lived radioactive element. Halogens attain the stable configuration of the noble gas 
type either by gaining one electron to form a univalent negative ion or by sharing a 
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pair of electrons to form a single covalent bond. The former occurs when a halogen 
atom combines with an atom of low electronegativity to form an ionic bond as in NaCl 
or KOI. The latter occurs when the halogen atom combines with another atom of 
comparable electronegativity to form a covalent bond as in Cl 2 . The diatomic halogen 
molecules can be represented in the following manner : 


2 




:X:X: 


X = halogen 


The melting or boiling point or the halogens increases regularly with the 
increase in their atomic weights 


The halogens have a tendency to gain electrons and can therefore act as oxidiz¬ 
ing agents. The oxidizing action decreases with decreasing electronegativity, i.e. from 
fluorine to astatine, Fluorine is the strongest oxidizing agent and iodine (and more so 
astatine) is the weakest oxidizing agent. 


Table 7,4 Some properties of the halogens. 



F 

Fluorine 

Cl 

Chlorine 

Br 

Bromine 

I 

Iodine 

Colour 

Light yellow 
gas 

Greenish 
yellow gas 

Reddish 
brown liquid 

Dark violet 
lustrous solid 

Atomic number 

9 

17 

35 

53 

Electronic structure 

2,7 

2, 8,7 

2, 8, 18, 7 

2, 8, 18, 18, 7 

Atomic weight 

19.00 

35.46 

79.92 

126.9 

Melting point (°C) 

- 222 

- 102 

- 7.3 

114 

Boiling point (°C) 

- 187 

- 34.6 

58.8 

183 

Electronegativity 
(Pauling scale) 

4.0 

3.0 

28 

2.4 
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Solubility of halogens in water and other solvents 

Fluorine reacts with water instantaneously giving fluorine monoxide, F 2 0, and 
hydrogen fluoride (some hydrogen peroxide, ozone and oxygen are also formed). Chlo¬ 
rine is fairly soluble in water. Dissolved chlorine reacts slowly with water to give 
hydrochloric (HC1) and hypochlorous (HOCl) acids. 

Ch + HaO —> HC1 + HOCl 

An aqueous solution of chlorine, often called chlorine water, is an effective 
bleaching and sterilizing agent because both tire hypochlorous acid and dissolved chlo¬ 
rine are oxidizing agents. 

Chlorine is also soluble in carbon tetrachloride, chloroform and carbon disul¬ 
phide. 

Bromine is moderately soluble in water but very soluble in carbon tetrachloride, 
carbon disulphide and chloroform forming orange, red or brown solutions. 

Iodine is very sparingly soluble in water but is soluble in aqueous solution of 
potassium iodide giving a dark brown solution. It dissolves readily in carbon disul¬ 
phide, chloroform and carbon tetrachloride to give a violet or purple solution. 

Thus, the solubility in water of these three elements decreases From chlorine to 

iodine. 

Halides in photography 

Silver chloride and silver bromide are used in photographic industry. Both of 
these compounds are light sensitive, being slowly decomposed into the elements by- 
light Silver bromide is crushed to a very fine powder and suspended in gelatin to 
form an emulsion, which is then coated on a thin sheet of celluloid or other plastic to 
make a photographic film. When this film is exposed to light, the crystal lattice of 
the AgBr is disrupted and made sensitive to chemical attack in proportion to the inten¬ 
sity and time extent of light exposure. If the light is focused on the film through a 
lens as in a camera, a latent image is formed in the film. 

The film is then developed by immersing it in a solution of a weak reducing agent, 
known as the photographic developer, such as hydroquinone. The developer reduces the 
crystals of silver halide which have been attacked by light (during the formation of the 
latent image) to metallic silver and so forms a visible image. The unexposed silver 
halide is not affected by the developer and is later removed by immersing the film in a 
fixing bath of sodium thiosulphate. At this stage, the film contains metallic silver in 
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those areas previously affected by light in the original exposure. The film is now 
darkest in those parts where it was most intensely affected by light, and is hence called 
a negative A positive print is prepared by shining light through a developed negative 
upon a piece of photosensitive paper (coated with an emulsion of silver bromide). The 
print is then developed just as the film was and dried. 

7,3 The alkali metals 

Occurrence and preparation 

Alkali metals being very reactive do not occur free in nature. They are always 
found in the form of their compounds. Compounds of sodium and potassium occur very 
abundantly in nature whereas those of other alkali metals, rubidium and cesium occur 
only sparingly. All the alkali metals occur as compounds of mixed oxides or halides. 
For example, potassium occurs abundantly as the mineral feldspar, K s O. AljOj, 6 
Si0 3 Lithium occurs in nature in several types of rocks of very complex composition. 
The most abundant compound of sodium in nature is sodium chloride. 

Alkali metals are generally prepared by the electrolysis of molten alkali metal 
chlorides. For example, metallic sodium is prepared industrially by the electrolysis of 
a fused mixture ofNaCl and CaCl 2 at about 600°C Calcium chloride is added to 
lower the melting point of the sodium chloride. Sodium metal is formed at the iron or 
copper cathode, and chlorine at the carbon anode. 

General properties of the alkali metals 

.The electronic configuration, of alkali metals along with their physical properties 
are listed in Table 7.5. It may be noted from the table that in each element the 
neutral atom has one electron more than the preceding noble gas. 


Table 7.5. Some physical properties of alkali metals 



Li 

Na 

K 

Rb 

Cs 

Atomic number 

3 

11 

19 

37 

55 

Electronic configura¬ 
tion 

2,1 

2, 8,1 

2, 8, 8, 1 

2, 8, 18, 

8, 1 

2, 8, 18, 

18, 8, 1 

Melting point (°C) 

186 

97.5 

62.3 

38.5 

28.5 

Boiling point (°C) 

1336 

880 

760 

700 

670 

Electronegativity 
(Pauling scale) 

1.0 

0.9 

0,8 

0.8 

0.7 

Flame colour 

Red 

Yellow 

Lilac 

Red 

Blue 
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The alkali metals have a bright lustre when freshly cut. They are excellent 
conductors of heat and electricity. They are malleable. 

Alkali metals are soft and have low melting points. The softness increases and 
the melting and boiling points decrease in the group from lithium to cesium. Thus 
lithium is the hardest member of the group and has the highest melting and boiling 
points whereas cesium is very soft and has the lowest melting and boiling points. 

The alkali metals have a great tendency to give up their valence electron to 
electronegative elements like oxygen, sulphur, halogens etc., to form stable ionic 
compounds. 

Another important reaction of the alkali metals is that they react with water 
to release hydrogen and form basic and highly water soluble hydroxides (except for 
lithium hydroxide which is only sparingly soluble). 

2 M (s) + 2 HjO(l) —> 2 M+ (aq) + OH' (aq) + H 2 (g) + heat 

The rate of reaction is slowest with lithium and fastest with cesium. When 
rubidium or cesium reacts with water enough heat is produced to cause the liberated 
hydrogen gas to ignite. These metals, therefore, must be stored under some inert 
liquid such as kerosene. 

As alkali metals readily lose their single valence electron, they act as strong 
reducing agents. Any oxidizing agent can be reduced by the alkali metals. 

2 Na (s) + Cl 2 (g) —* 2 Na+Cl- (s) 

2 Na (s) + S (s) —* 2 Na f S" (s) 

The alkali metals as their compounds impart characteristic colours to a 
gas flame when heated in it. For example, lithium gives red, sodium yellow, potas¬ 
sium lihe, rubidium red and cesium blue coloured flames. Solution of chlorides are 
generally used in performing flame tests,since they are more volatile than most other 
compounds of these elements. The colours of the flame are utilised in the detection of 
these elements. 
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Quiz 

Each question is followed by four answers. One of them is correct. Select the 
correct answer and indicate it in the bracket provided. 

1. Air contains argon, neon, krypton and xenon which are 

called noble gases, Of these the most abundant gas is ( ) 

(a) Neon (b) Xenon 

(c) Argon (d) Krypton. 

2. The halogen used in the preparation of sleep inducing 

drugs is ( ) 

' (a) Iodine (b) Bromine 

(c) Chlorine (d) Fluorine. 

3. The radioactive element among halogens is ( ) 

(a) Fluorine (b) Astatine 

(c) Chlorine (d) Bromine. 

4. The halogen which is a liquid at ordinary temperature is ( ) 

(a) Fluorine (b) Chlorine 

(c) Bromine (d) Iodine. 

5. The halogens react with hydrogen to form hydrogen 
halides. The ascending order of reactivity of halogens 

with hydrogen is ( ) 

(a) chlorine, bromine and chlorine 

(b) iodine, bromine and chlorine 

(c) chlorine, iodine and bromine 

(d) bromine, chlorine and iodme, 

6 When chlorine is passed through an iron (II) salt solution it ( ) 

(a) oxidizes Fe 2+ to F + e 3 

(b) reduces Fe 3+ to Fe+ J 

(c) has no action 

(d) displaces the iron. 
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7. MnO s (s) + 4 H+ (aq) + XG1' (aq) 


Mn ++ (aq) + Cl 2 (g) + YH Z O (1). 


In the above equation the values of X and Y are 
respectively 

(a) 2,1 (b) 1,2 


(c) 4, 1 


(d) 2,2. 


3. In the preparation of chlorine, manganese dioxide, 
MnC> 2 , functions as 


(a) a catalyst 

(c) a reducing agent 


(b) an oxidizing agent 
(d) a drying agent. 


9. An HC1 generator contains Nad and H 2 S0 4 . Which of 
the following reagents should be added to convert it in 
to a chlorine generator ? 


(a) KC1 

(c) MnCl 2 


(b) Br 2 

(d) MnOj. 


10. Preparation of chlorine gas from NaCl involves 
(a) neutralization (b) oxidation 


(c) reduction 


(d) precipitation. 


11. With what elements among the following does chlorine 
react most readily ? 

(a) carbon (b) hydrogen 


(a) carbon 
(c) nitrogen 


(d) oxygen. 


12. Of the following the strongest oxidizing agent is 
(a) chlorine (b) chloride ion 


(c) bromine 


(d) iodine. 


13. Of the following the strongest reducing agent is 
(a) chlorine (b) chloride ion 


(c) bromine 


(d) iodine. 



14. The increasing order of reactivity of alkali metals is ( ) 

(a) K, Li, Na (b) Li, K, Na 

(c) Li, Na, K (d) Na, K, Li. 

15. The atom which has the electronic configuration 2, 8, 1 

is that of ( ) 

(a) neon (b) sodium 

(c) chlorine (d) potassium. 

16 Five elements have atomic numbers 2, 9, 10, 11, 18 
respectively. Of these the elements with the following 
atomic numbers will have similar properties. ( ) 

(a) 2,9,18 (b) 9,11,18 

(c) 2,10,18 (d) 2,9,11. 
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Periodic Classification of Elements 


INSTRUCTION MATERIAL 


Introduction, 

The world around us consists of innumerable substances, The number of 
elements, natural as well as man-made, is over a hundred. Naturally, a study of the 
properties of such a large number of substances becomes difficult. Chemists, therefore, 
have tried to group together the elements having similar properties, They believe that 
such a classification would make the study of elements as well as their compounds easy 
and profitable. Such a grouping has been made and attempts are on to improve the 
grouping to make it more systematic. In chapter 7, a study of the properties of the 
noble gases, alkali metals and halogens has been made. These properties clearly 
indicate that separate groups could be formed for the noble gases, the alkali metals 
and the halogens, In this chapter, the student is introduced to the general principles 
of this grouping. 


Outline, 


1. The periodic law and the periodic table (8.1) 

2. Elements of the second row (8.2) 

3. Elements'of the third; row (8,3) 
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Concepts. 

1. The properties of elements are a periodic functi in of their atomic numbers. 

2. The periodicity in properties of the elements is a consequence o( their 
electronic configuration. 


SCHEDULE 


Lesson 

Experiment 

Postlab 

Demonstration 

Text covered 

1 . 

— 

Discussion 

— 

8.1 

2. 

— 

Discussion 

— 

8 1 

3. 

— 

_ 

Demonstration I 

8.2 

4. 


Discussion 

Demonstration II 

82 




Demonstration III 

8.3 

5. 

— 

Discussion 

- 

8.3 

6. 

— 

— 

— 

Review 
& quiz 


Development. 

Display as many elements as possible on the table. The following elements are 
easily available : copper, iron, aluminium, sodium, caibon, sulphur, magnesium, 
bromine, mercury, silver, tin, gold, zinc and platinum. It addition to these, gases 
like hydrogen, nitrogen, oxygen and chlorine can be prepared and jars fiilled with them 
can be kept on the table. The students should be asked to suggest a way of grouping 
the elements. The grouping suggested by the students at this stage will most 
probably be according to their: (i) state, (ii) colour, (iii) lustre etc. At this stage 
point out the limitations in the groupings made by the students on the basis of a few 
observable properties. Then suggest another grouping based on metallic and non- 
metallic nature of the elements with which the students are already familiar. At the 
end point out the limitations of this grouping as well. 

At this stage, give a very brief historical account of the earlier attempts of 
classification to the students. A historical account creates interest in the minds of the 
students and also gives them an idea of this line of thinking m scientific development. 
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8.1 The periodic law and the periodic table 


Explain the concept of periodicity by giving simple illustrations such as periodic 
recurrence of the seasons, the rising and setting of the sun and the swinging motion 
of the pendulum. 


Then proceed by arranging the element in a horizontal row in the order of 
increasing atomic numbers and point out that the properties go on changing gradually 
from lithi um to neon. Hydrogen, the element with atomic number 1, has some 
resemblance to lithium. Neon (At. No. 10) resembles helium (At. No. 2) This fact can 
explain the position of hydrogen and helium in the periodic table. Thus the first 
period contains only two elements. (The peculiar position of hydrogen need not be 
discussed in detail). Sodium, the element next to neon, has properties similar to 
those of lithium and finds its appropriate place below lithium. Bring out clearly the 
idea of periodicity in the properties of elements by discussing the arrangement of 
hydrogen, lithium and sodium 


The arrangement of the elements up to chlorine should be discussed to empha¬ 
sise the concept that periodicity of properties is not restricted to the group of elements, 
lithium and sodium or helium and neon. The properties of every element in the 
second period are found to be similar to those of the corresponding eighth element in 
the third period. 


The discussion in this section lead to the concept that the properties of 
elements are a periodic function of their atomic numbers. This is understandable 
because the atomic number of an element is the index of its electronic configuration. 
Thus, the atomic number is a fundamental property governing the periodicity of the 
properties of elements, 


8.2 Elements of the second row 

Demonstrations which deal with some properties of the oxides of the second 
and the third row elements should be taken up first. In the first demonstration a 
gradation in the increasing acidity of the oxides of B, C, N is shown. Oxides of other 
elements from the second (Li, Be, F) are not easily available. In fact it is difficult 
to prepare fluorine oxide. 
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Demonstration I: Some properties of the oxides of second row elements 


Time required : 20 minutes 


Materials required : 



Test tubes 6 

Boron (III) oxide 
(Boric oxide) 

0.5 g 

Test tube stand 1 

Gas jar filled with 

C0 2 gas 


Gas jars 2 

Gas jar filled with 

N0 2 gas 



Distilled water 

30 ml 


Universal indicator 



Carbon dioxide gas may be prepared in a Kipp’s apparatus by the action of 
dil. HC1 on marble pieces. Collect the gas CO 2 by the upward displacement of air 
Nitrogen dioxide should be prepared by the action of cone, nitric acid (25 ml) on 
copper turnings (5 g) Each of these gases should be collected in 2 or 3 jars. If 
boric oxide is not available, boric acid (available in medical shops) may be used, 

Procedure 

1) Add about 0,5 g of boric oxide to 10 ml of distilled water in a test tube. 

Boil the solution gently for a minute. Add 2 or 3 drops of universal 

indicator to the solution and keep the test tube in a test tube stand. 

The solution acquires an yellow coluor. pH about 6. 

2) Add 10 ml of distilled water to the gas jar containing C0 3 gas. Cover 

the jar with a glass plate. Shake the jar and transfer the solution to a 

test tube. Add 2 or 3 drops of universal indicator to it and keep the 
tube in the stand. 

The solution acquires orange colour, pH about 4. 
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3) Add 10 ml of distilled water to the gas jar containing NO a . Cover the 
jar with a glass plate, shake it and transfer the solution to a test tube. 
(Note : If the solution becomes yellowish, warm the solution a little to 
remove dissolved NOg). Then add to the colourless Solution the same 
number of drops of universal indicator (as in the earlier cases) and keep 
the tube in the stand. 

The solution acquires a red colour. pH about 2. 

Compare the colours of the solutions in the three test tubes with the universal 
indicator chart and show that the acidity increases from B 2 0 3 to C0 2 to N0 2 . The 
discussion of the observations may be done with the help of Table 8.1 in the text, 

Demonstration II : Some properties of the elements of the third period 

Time required : 30 minutes 

Materials required 


Test tubes 6 

Sodium peroxide 

1 g 

Beaker 100 ml 1 

Magnesium ribbon piece 

5 cm 

Test tube holder 

Sulphur 

100 mg 

Graduated cylinder 

10 ml 1 

Phosphorus 

100 mg 

Wooden splinters 

Iron (II) sulphide 

1 B 

Deflagrating spoon 

Sodium chloride 

1 g 

Tongs 

Gone, sulphuric acid 

4 ml 


200 M sodium hydroxide 
solution 

4 ml 

Gas jars with covers 2 

(80 g solid in 1 litre of 
solution 



Ammonium chloride 

1 g 


Universal indicators of pH papers* 
(* if not available, red and blue litmus papers may be used), 
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Procedure 


(1) Add 5 ml of water to 1 g of sodium peroxide. (Caution: Sodium 
peroxide being a dangerous chemical should not be touched with fingers. 
Use a spatula) Use a glowing splinter to identify the gas produced. Add 
a piece of the indicator paper (or a red litmus paper and one of blue) to 
the contents of the test tube. Let the students note the result. Glowing 
splinter bursts into flame. Red litmus turns blue. Blue litmus remains 
unchanged. 

2 Na A (s) + 2 H 2 0(1)-> 4 NaOH (s) + Os (g) 

(2) Hold one end of a magnesium ribbon with a pair of tongs and ignite the 
other end in a Bunsen burner flame. Hold the burning mangesium over 
a beaker so that the oxide produced drops into the beaker. Add 5 ml. 
of water to the product and heat gently. Test the liquid with red and 
blue litmus papers, 

Red litmus turns blue. Blue litmus remains unchanged. 

2 Mg (s) +0 2 (g) -* 2 MgO(s) 

MgO (s) + H 2 0 (1)-> Mg (OH)a (s) 

(3j Put a pea-size of sulphur powder in a deflagrating spoon, ignite it in 
the burner flame and lower it into the gas jar and cover it with a glass 
plate. Add 10 ml of water to the gas jar contents, cover it with a glass 
plate and shake the contents. Transfer the contents to a test tube and 
test with litmus papers. Blue litmus turns red. Red litmus remains 
unchanged, 

S 8 (s) + 8 0 2 (g)-* 8 S0 2 (g) 

SO s (g) + HjO(l)-* H 2 S0 3 (aq) 

(4) Repeat 3 using a pinch of red phosphorus. Blue litmus turns red. 
Red litmus remains unchanged 

P 4 («) + 50§ (g)--> P 4 O l0 (s) 

Let the students record in a tabular form the observations made in 
these reactions. 
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Experiment 


Observation 


1 . To 1 g of Na^C^ add 5 ml of H 2 0 

Expose a glowing splinter to the 
gas. 

Add a piece of red litmus paper 
Add a piece of blue litmus paper. 

2. Hold a magnesium ribbon with 
tongs, burn in a flame. Collect 
the white substance in a beaker 
and add water. Shake well. Test 
the resulting liquid with 

(a) red litmus paper 

(b) blue litmus paper 

3. Burn a pea-size sulphur in a de¬ 
flagrating spoon in a jar. Cover 
it with a glass plate. Add 10 ml 
of water to it. Shake well. Test 
the resulting solution with 

(a) blue litmus paper 

(b) red litmus paper 

4. Repeat the above experiment 
using red phosphorus and test 
the resulting solution with 

(a) Blue litmus paper 

(b) Red litmus paper 


Colourless, odourless gas is produced 
briskly. 

Glowing splinter bursts with flame. 

Red litmus paper turns blue. 

Blue litmus paper remains unchanged. 

Magnesium ribbon burns with dazzl¬ 
ing brilliance forming a white subs¬ 
tance. 

(a) Red litmus paper turns blue. 

(b) Remains unchanged 

Sulphur burns with a blue flame. A 
colourless gas with a choking smell is 
produced. 

(a) Blue litmus paper turns red. 

(b) Remains unchanged 

Copious white fumes are formed 

(a) Blue litmus paper turns red 

(b) Remains unchanged 
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The following three steps show the reactions of typical hydrides. 

(5) Add 2 ml of concentrated sulphuric acid to 1 g of sodium chloride and 
heat it gently. Test the gas evolved (HG1) with moistened litmus papers. 
White iumes are evolved. Red litmus remains unchanged. Blue litmus 
turns ted. 

2 NaGI(s) + H 2 S0 4 (aq)j—>-Na 2 S0 4 (s),+ 2 HCl(g) 

(6) Repeat step 5 using 1 g iron (II) sulphide with 2 ml of dilute sulphuric 
acid. Test the gas with litmus and identify the gas with a lead acetate 
paper. Colourless gas with an offensive smell is liberated. Red litmus 
remains unchanged. Blue litmus turns red. The lead acetate paper 
turns black, 

FeS(s) + H 2 S0 4 (aq) — FeS0 4 (aq) +';H 2 S(g) 

(7) Add 2 ml of 2.5 M sodium hydroxide solution to 1 g of ammonium chloride. 
Heat gently and test ihe gas produced with moist red and blue litmus 
papers and with turmeric paper, (Note : Since it is not feasible to do a 
test with phosphine, the hydride of phosphorus, ammonia is chosen) 
Colourless gas with pungent odour is produced. Moist red litmus paper 
turns blue. Blue litmus paper remains unchanged. Turmeric paper turns 
bluish-black or greenish black, 

NaOH(aq) + NH 4 C1 (s) —* NaCl(aq) + H 2 0(1) + NH 3 (g) 

The students may be asked to write down equations for the reactions evolved. 
They may also be asked to write down the ionic equations showing the reactions of 
hydrides in steps 5-7 with water. 

Ionic equations showing the reactions of hydrides (formed in steps 5-7) with 
water are as follows: 

i) HC1 (g) + HjO (1) —> H + (aq; -h Cl'(aq) 

ii) HgS (g) + HgO (1) j * HS“(aq) + H + (aq) 

HS"(aq) + HjO —>• S"(aq) + H. + faq) 

iii) NH 3 (g) + H 2 O (1) —^ NH 4 + (aq) + OH'(aq) 
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Demonstration III: Properties of third row elements 
Time required : 30 minutes 

Materials required 


Test tubes 

12 

0.5 M NaOH Solution 

10ml 

Test tube stands 

2 

(20 g solid per litre of solution) 


Test tube holder 

1 

Magnesium oxide 

0.2 g 



Silica gel (Si0 2 , nH 2 0) 

0.2 g 



Phosphorus pentoxide 

0-1 g. 



0.5 M Sulphuric acid 
(14 ml diluted to 1 litre) 

10 ml 



0.5 M perchloric acid 
(14 mi diluted to 1 litre) 

10 ml 



Universal indicator 



Procedure 

Prepare a set of six labelled test tubes containings the solution as given below r 
1. 10 ml of NaOH solution. 

2 0 2 g of magnesium oxide in 10 ml of water. 

3. 0 2 g of silica gel in 10 ml of water. 

4. About 0.1 g of phosphorus pentoxide in 10 ml of water 

(Caution : Reaction is very vigorous) 

5. 10ml 0 5M sulphuric acid solution (solutionof S0 3 in water) 

6. 10 ml 0.5 M perchloric arid solution (solution of C] 2 0 7 in water) 

Add equal number o( drops ol universal indicator to these solutions Let the 
students observe the colours of the solutions. These observations will give an idea of 
the graded change from alkaline to acidic character of the solution, as one passes from' 
sodium hydroxide (NaOH) to perchloric acid (HG10 4 ). The colours should be 
compared with the universal indicator chart. 

Note : It is practically impossible to weigh exactly 0.1 g P 2 0 3 as it is highly hygro¬ 
scopic. A pinch of P 2 0 5 can be taken with a spatula and added to 10 ml water. 
If P 2 0 5 is not available, phosphoric acid (H 3 P0 4 ) which is a solution of 
P 2 0/in water can be used. 
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It should be made clear to the students that the solutions in the six test tubes 
are in fact the solutions of corresponding oxides of the third row elements, They 
should be asked to note down the observations and compare with the universal 
indicator chart in a tabular form as given below : 


No. 

Oxide in 
solution 

Colour of the solution 
with the universal 
indicator 

Acidity or alkalinity 
in pH units 

1. 

Na 2 0 

Purple 

12 

2 

MgO 

Blue 

8 

3, 

Si0 2 

Yellow 

6 

4. 

4»- 

O 

O 

Orange 

4 ! 

5. 

so 3 

Red 

2 

6. 

Clgc^ 

Intense red 

0 


The discussion on observations made in demonstrations II and III should be 
made to bring out the variation in properties of the third row elements The properties 
given in Table 8.2 may also be discussed to bring out the variation of properties. 


8.3 Elements of the third row 

The main idea to be brought out in this section is the variation in the reactivity 
of the elements in a group, This can be done by recalling the action of water on 
sodium and potassium (demonstration IV, chapter 7). It can be shown that under 
controlled conditions potassium reacts with water more vigorously than sodium, 
rubidium reacts more vigorously than potassium and so on. Thus lithium is the 
least reactive metal and cesium, the most. This order of reactivity is true for all 
reactions. 

Refer to the properties of halogens that the student has already studied. Also 
recall the displacement reactions of halogens (Experiment 18 and demonstration III 
chapter 7). The discussion would lead to the conclusion that in the case of halogens 
the reactivity decreases from fluorine to iodine. 

Discussions on this section made in the light of the material given in the text 
should lead to the concept that the periodicity of the properties of elements is closely 
related to their electronic configuration. 
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BACKGROUND INFORMATION 


Early attempts at class!fioatl®n - Historical development 

In the early classification, elements were divided into two broad groups, metals 
and nonmetals, Metals were characterised by high densities, good conduction of heat 
and electricity, and a typical shining appearance, called metallic lustre The non 
metals on the other have low densities, aie poor or non-conductors of heat and 
electricity and have no shining appearance. Some elements which exhibited properties 
of metals as well as non-metals were classed as 'metalloids’ 

8,1 The periodic law amd the periodic table 

The first significant step towards a systematic classification of elements was in 
1817 by Dobereiner, who grouped the elements with similar propeides into groups of 
three, such as Li-Na-K, Ca-Sr-Ba and Gl-Br-I, He called it as the “Law of 
triads”. He showed that the atomic weights of these elements are in increasing order 
and that the atomic Weight of the middle element in a triad is an average of the atomic 
weights of the other two elements. Thus the atomic weights were used in the arrange¬ 
ment of elements for the first time. It was not possible however to show the existence 
of such triads in the case of a majority of other elements. 

Newlands, a British chemist, arranged the elements in the order of increasing 
atomic weights, starting from hydrogen He showed that ‘‘the eigth element”, 
starting from a given one, is a kind of a repetition like the eighth note in an ‘octave of 
music’. In other words, the properties repeat after a definite period His arrangement 
is shown below: 


H 



Li 

Be 

B 

C 

N 

0 

F 

Na 

Mg 

A1 

Si 

P 

S 

Cl 

K 

Ca 

Sr j 

Ti 

Mn 

Fe 

Ni 

Cu 

Zn 

Y 

In 

As 

Se 


j B ' 

It was clearly noted that Newlands’ law of octaves was true only for the first 17 
elements except H (for the elements shown in between the dotted lines). 
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Other chemists were also busy with the same problem, In 1864 Lothar Meyer 
in Germany determined the atomic volumes, i. e. the volumes of one gram-atom of 
many elements in cm 3 , in their solid state, He plotted atomic volumes of elements 
against their atonic weights. All the alkali metals Li, Na, K, Gs, Rb having 
similar properties lie on the peaks of the atomic volume curve, while the halogen 
elements occupy another set ol similar positions. Lothar Meyer’s curve shows that the 
atomic volume of elements is a periodic property, 

In 1869 Mendeleef, a Russian chemist, put forth his idea of a periodic table 
obtained on the basis ol atomic weights. He stated that the properties of elements and 
their compounds are periodic function of their atomic weights.He arranged the elements 
in hoiizcntal lews (periods) and vertical columns (groups). In two cases (Te—I and 
Cc—Ni), Mendeleel placed the elements in a levcrse order of their atomic weights. 
He pleaded for these reversals on the basis of their properties The-e are other triump¬ 
hant features of Mendelecf’s table, like the following. 

(1) Mendeleef could settle some of the controversial atomic weights from the 
positions of the elements in the periodic table. For instance, the atomic 
weight of beryllium as known from the experiments could be either 9 ot'13.5. 
It could not be known with certainty. When Mendeleef placed it, on the 
basis of its properties, between Li (atomic weight 7) and B (atomic 
weight 11), the atomic weight of Be could be taken only as 9. 


(2) In addition, Mendeleef could as well predict the existence of some more 
elements from the gaps he deliberately left in his table; e g. the element with 
atomic weight 72 was missing which he called ekasilicon, suggesting that 
an element similar to silicon, though then unknown, must exist. Further 
he predicted its properties. The element was actually discovered in 
1888 and was given the name Germanium (Ge). The following table shows 
the correctness of Mendeleef’s predictions. 


Eka-silicon (predicted) (1869) 

1. Atomic weight 72 

2. Density 5.5 g/cc 
3 Dull grey metal 

4. Will form a white powder of 
EsOg by heating in oxygen 

5. No action of alkali 

6. Very little action of acids 

7. Will form a tetravalent chloride 
with B. P. less than 100°C 


Germanium (discovered) (1888) 

Atomic weight 72.6 
Density 5.47 g/cc 
Greyish white metal 

Forms white oxide Ge0 2 on heating 
in oxygen 

No action of alkali 
No action af HG1, dissolves in aqua 
regia 

Forms GeC] 4 , B. P. 86°C 
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The main success of his table was in the prediction of more such elements as 
Eka born (scandium). Eka-aluminium (Gallium) and Eka-silicon (Germanium). The 
periodic table which is based on atomic numbers is an extension of Mendeleef*s 
original table, 


After the discoveiy of the radioactive nature of some of the elements m 1896 by 
Becqueral, a new era started in the development of the ideas of the structure of the 
atom. Rutherford was able to find out the number of unit positive charges i, e, 
number of protons in the nucleus of atoms of some elements. An epoch-making 
discovery was made by Moseley in 1913, while studying the X-ray spectra of element. 
He found that the number of positive charges on the atom of an element is equal to the 
serial number (ordinal number) of the element in Mendeleef’s periodic table. This 
number oi positive charges was named by him as the atomic number Moreover the 
reserved positions of Co-Ni. Te-I(and of Ar-K observed later) as predicted by Mende- 
leef were found to be correct if the elements weie arranged in the order of increasing 
atomic numbers instead of atomic weight. 

Scientists have been trying to construct better forms of the periodic table on the 
basis of atomic number as a fundamental property. The long form, the extended form, 
the spiral form, the circular form, the keyhole form and the laminar form are all the 
results of such attempts. These attempts are likely to go on. Even though these diffe¬ 
rent iorms are known, the long form is more popularly used as a teaching aid, as it 
reveals best the electron configuration of the elements, and emphasizes the order of 
filling of the electron shells in relation to the order of increasing energy states. This 
aspect of the modern approach is more clearly brought out in the table proposed by 
Longuet-Higgins. The very fact that so many tables have been proposed points out 
the variety of opinions that exist and indicates at the same time how difficult it would 
be to prescribe the ‘best’ periodic table 


It is evident from the discussion of the periodic table that those properties 
which depend upon the electron configuration of an atom will vary periodically with 
£omic number. Some of the more common periodic properties are listed below. 


Properties dependent upon the electronic configuration 


Atomic radius (and volume) 
Ionic radius 
Ionization potential 
Electron affinity 

Electronegativity 


Density 
Melting point 
Boiling point 

Heats of fusion, vapourisation and 
sublimation 

Heats of solvation of ions 
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Valency Heat of formation for a given type 

of compound 

Standard Redox potential Hardness, malleability 

Magnetic behaviour Compressibility 

Thermal and electrical conductivities Coefficient of expansion 
Ionic mobility Parachor 

Optical spectrum Refractive index 

Not only arc these properties periodic functions of the atomic weights of the 
elements but they are also periodic for the analogous compounds of the elements. 

8.2 Elements of the second and the third periods 

The earlier chaprer (7Uias focussed on the three well-defined groups of the 
periodic table, the alkali meUls, the halogens and the noble gases. How about the 
other vertical groups of the table ? Rather than study each group in a manner 
similar to that used for the three groups studied, the seond and third period elements 
are chosen as representatives of their particular groups The emphasis is placed on 
charges in properties and especially on their gridalbn, The pattern in the formation of 
oxides of these elements is evident in tables 8.1 and 8.2. This sort of pattern is also observed in the 
formation of chlorides and hydrides. 

8.3 Properties of elements in a group 

The original periodic tables were based upon the observed similarities in the 
properties of certain groups of elements; The members of the alkali metals group, for 
instance, were listed in a single coloumn because it Was observed that the members 
of this family had strikingly similar properties. An understanding of the cause of this 
similarity in properties, however, had to wait for a satisfactory model of the atom; 
In terms of our present model, the electronic configurations of the alkali metals ( L l, 
Na, K, Rb and Cs) show that each member of the family has one electron in the 
outermost shell, with a similar internal electron structure. It is this similarity in elec¬ 
tron configuration that leads to the similarities in chemical und physical properties of 
the periodic table. There is also a more or less regular change in those similar 
properties in going from the lightest to the heaviest member of the family. This is 
observed in other families also. 
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■Quiz 

Each question is followed by four ansers. Only one of them is correct. Select 
the correct one and indicate it in the brackets provided. 

1. The periodic law states that the properties of elements 

are a periodic function of their ( ) 

(a) atomic weight (b) mass number 

(c) atomic number (d) density. 


2. In the pcreodic table as we go across a period of the elements from left to 
right the metallic character of the elements ( ) 


(a) increases 

(c) does not change 

3. Magnesium oxide is 

(a) acidic 
(c) neutral 


(b) decreases 

(d) changes irregularly. 

( 

(b) basic 
(d) amphoteric. 


4. The halogens are placed in a group because ( J 

(a) they have the same eleciromc configuration 

(b) they have the same number of electrons 

(c) they are all very reactive 

(d) they have similar electronic configuration. 

5. The acidic character of the oxides of elements in a row ( ) 


(a) 

increases 

(b) 

decreases 

(c) 

remains constant 

(d) 

changes irregularly. 

The 

atomic number of an 

alkali metal 

is less than that of 

the following halogen element by 


(a) 

two 

(b) 

four 

(c) 

six 

(d) 

eight. 

The element which forms 

a dipositive 

iron is 

fa) 

sodium 

(b) 

fluorine 

(c) 

calcium 

(d) 

sulphur. 
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QUESTIONAIRE 

On the school chemistry laboratory manual, test book and 
teacher’s guide for class 8 


. t , ,■ 

N.B, ■—In case the space provided against each .'.question is insufficient, please 
attack additional papers. Specific and concrete suggestions for any 
modification, alteration and improvement of the material will be 
appreciated. 


1. Are the experiments in the labor- 
ratory manual simple enough to be - 
easily done by the pupils ? 

If not, which experiments, do you 
feel are difficult ? 

How would you like them to be 
modified ? 

2. Are the experiments suited to arouse 
the curiosity and interest of the 
pupils ? 

Do they lead to an appreciation of 
the basic principles of chemistry ? 

If not, what improvements do you 
suggest ? 

3. In general, are the experiments in the 
laboratory manuals well planned ? 

4. Do you think that the experiments 
mentioned in the manuals are 
adequate ? 

If not, what additional experiments 
would you like to be introduced and 
at what places ? 



5. Do you think that the materials 
required for the experiments would 
be easily available ? 

If not, can you suggest alternatives 
using mote easily available materials 
to bring out the same ideas ? 

6 What, in. your opinion, is the scope 
and exteht of improvisation. that can 
and may be made to replace the 
equipment mentioned ? 

7. What, in the context of the present 
condition of our schools, is your 
opinion about the feasibility of the 
idea of pupil experimentation ? 


8. The material in the text has been 
prepared; to a large extent, to help 
the pupils learn chemistry by draw¬ 
ing conclusions from his own obser- 
vations in the laboratory. 

Do you think ihat this objective has 
been broadly realised ? 

9. Is the language on the whole simple 
enough For an easy understanding 
of the subject ? 

If not, point out where the language 
could be simplified. 

10. Do you think that the material as 
developed in the text makes for 
continued and logical development 
of ideas and concepts ? 

Arc the contents of each unit within 
the comprehension of pupil of the 
age group of 12+ and 14+ ? 

If not, is it possible £to express the 
same concept in a simpler way ? 
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12. Do you think that. I lie sequence of 
the units is satisfactory ? If not, 
please suggest how the sequence may 
be rearranged to enable a better 
development of the subject 

Give reasons for your rearrange¬ 
ment. 

13. A re the diagrams and. illustrations 
suggestive and self-explanatory ? 

State how they may be improved. 

Do you think that the present illus¬ 
trations are adequate ? 

If not, which additional diagrams’do 
you suggest ? . , . , 


14. Do the demonstration experiments 
mentioned in the teacher’s guide 
bring about the concepts ? 

It not, what alternative experiments 
would you suggest ? 


15. The teacher's guide is intended to 
enable the teacher to teach the sub¬ 
ject confidently and more effectively. 
It gi.ides him to plan the lesson and 
provides background information to 
extend tbe sphere of his knowledge 
and answer questions which might be 
put by intelligent pupils How far 
does this teacher’s guide serve the 
purpose for which it is intended ? 


16. Do you think that the teacher’s guide 
contains sufficient information for 
the teacher to present ihe topic 
effectively ? 

If not, what additional information 
may be given and where ? 



17, The aim of this effort is to introduce 
the pupils to modem concepts in 
chemistry and promote a sense of 
experimentation and inquiry in him. 
Do you think that this would be 
achieved by the text and 1 Moratory 
work presented ? 

W hat alteration! would you suggest 
in this regard? 

18, What other perlient comment* 
suggestions would you like to make? 


Signature 


Name: 


Station l 
Date: 


Address: 




